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NOMENCLATURE 
a activity of particular species 
E overall electrode voltage (millivolts) 
Eg reference electrode voltage (millivolts) 
e charge of a proton 
F Faraday's electrochemical constant 
partial molal GIbbs free energy 
g|^ excess Gibbs free energy due to ideal mixing 
6^ excess Gibbs free energy due to ionic interaction 
I ionic strength of solution 
K stability constant of lanthanide nitrate complex 
k Boltzmann's constant 
kg J. constant relating ionic strength to molarity 
M metallic lanthanide ion 
m solution molarity of particular species 
N Avogadro's number 
n number of moles of a particular species 
P total system pressure 
p vapor pressure of solvent or solution 
Q Karned's binary electrolyte coefficient 
R Ideal gas constant 
Rg g Harned's binary electrolyte coefficient 
S total system entropy 
T absolute system temperature 
Wa molecular weight of solvent 
V 
y percentage of particular electrolyte in a binary mixture 
Z+ charge of the cation 
Z- charge of the anion 
0 Debye-HUckle solvent constant 
Uy total fraction of lanthanide complex in solution 
fractions of individual lanthanide complexes in solution 
V activity coefficient 
e permitivity of the solvent 
K solvent extraction equilibrium constants 
number of moles of cations per mole of salt 
V number of moles of anions per mole of salt 
V total number of moles of ions per mole of salt 
p solvent density 
$ osmotic coefficient 
Subscripts 
A refers to the solvent 
B refers to either the cation in a single component system or a 
particular electrolyte when dealing with a binary system 
C refers to either the anion in a single component system or a 
particular electrolyte when dealing with a binary system 
1 refers to ith species 
M refers to metallic species in solution 
w refers to water 
± refers to mean 
vî 
Superscripts 
0 refers to standard state 
E refers to excess 
T refers to total 
[ ] 
( ) 
activity 
concentration 
vi î 
DEDICATION 
This work is humbly dedicated to Alexander Solzhenitsyn, one of 
the greatest living authors of the twentieth century. 
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INTRODUCTION 
In the study of any chemical reaction, thermodynamics defines pre­
cisely the nature of the equilibrium situation and the important variables 
of concern. 
Solvent extraction of the lanthanides from an aqueous salt solution 
to a chelate in an organic phase has been somewhat difficult to analyze 
thermodynamically for a number of reasons. First, very little data exists 
at the present representing the activity behavior of a single component 
lanthanide salt in the aqueous solution. This data, generally more 
common for 1:1 electrolytes such as NaCl, KNO^, etc., is in the form of the 
mean activity coefficient of the salt. Second, this value of the mean 
activity coefficient for a particular salt is a measure of the combined 
effect of both the cation and the anion on the solvent. Thus the mean 
activity coefficient reveals nothing about the nature of the behavior of 
the individual ions in solution. Third, due to the nature of the ex­
traction mechanism considerable amounts of ions are liberated into the 
aqueous phase (HDEHP as the extractant). Thus for the extraction of a 
single component lanthanide salt the final equilibrated aqueous phase 
will consist of a binary electrolyte solution—namely the remaining 
lanthanide ions, the liberated H"*" ions and the common anion. Fourth, at 
relatively high concentrations the lanthanide Ion forms a series of 
complexes with the anion. Thus the lanthanide can exist in the following 
forms in the aqueous phase: MA^^, MA^' and MA^ where A represents 
the anion species. Fifth, until recently the extraction mechanism at 
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higher concentrations was not well defined. The uncertainty was caused 
by the presence of the various complexes of the lanthanide In the aqueous 
phase and their relative extractibi1Ity. 
With recent advances In the area of lanthanlde-HDEHP solvent extrac­
tion chemistry and also In the inorganic chemistry of the lanthanide-anlon 
complexes a more exact thermodynamic analysis of the solvent extraction 
reaction becomes possible. This work is part of a continuing effort 
within the Chemical Engineering Division of the Ames Laboratory to further 
understand the chemistry of solvent extraction processes. The immediate 
goals of this particular study are: 
1) to fully define the activity behavior of single component aqueous 
solutions of two typical lanthanide nitrates (lanthanum and neodymium) 
and the free nitrate ion; 
2) to obtain an accurate model for the activity behavior of aqueous 
binary electrolyte solutions consisting of the neodymium nitrate and 
nitric acid; 
3) to Investigate the neodymium-nltrate complex formation in the 
aqueous phase and whether this catlon-anion complex is extracted Into the 
organic phase; 
4) using existing solvent extraction data, to determine the equilib­
rium constants for the extraction of the neodymium ion and the neodymium 
complexes into the organic phase; 
5) to determine the activity and the activity coefficient of the free 
neodymium (III) ion. 
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LITERATURE REVIEW 
Electrolyte Thermodynamics 
The thermodynamics of electrolyte solutions and the associated 
problem of measuring the mean activity coefficient of the electrolyte 
species have been the subject of several classic texts on electrochemistry 
(31,34,35,38,71). 
A reliable approach to the Investigation of electrolyte solutions 
deals with the measurement of the change In the physical properties of 
the solvent with the addition of solute species. Effects such as vapor 
pressure lowering, freezing point depression and boiling point elevation 
can be translated by the Gibbs-Duhem Equation into useful thermodynamic 
properties of the solute such as osmotic coefficients or activity co-
efflcients. 
Three general methods exist at the present for measuring the vapor 
pressure of aqueous solutions at 25*C. The first, the dynamic method, 
deals with measuring the amount of solvent vapor present In a carrier gas. 
A dry Inert gas Is passed In succession through pure water, a deslccant 
to absorb the water, the aqueous solution and then a second deslccant The 
amount of water in the first deslccant Is proportional to the vapor 
pressure of the solvent while the amount in the second deslccant is pro­
portional to the solution vapor pressure. The method was first employed 
by Pearse (59) and subsequently was greatly improved upon by Bechthold 
and Newton (8) who used a much improved desiccator medium. It should be 
noted with this method that the measurement of carrier gas flow rate, 
temperature uniformity of the system and the efficiency of the desiccant 
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are crucial for reliable data. 
The isoplestic method for determining solution vapor pressure is 
based on the principle that two solutions of nonvolatile solutes will 
distil from one another until their concentrations are such that the two 
solutions will have equal vapor pressure. This method developed by 
Bousfield (9) is comparative to the first method in that the accurate 
vapor pressure data of some reference electrolyte must be available. 
Another critical feature of this experiment is that no temperature 
gradients exist between the two solutions. This is insured by maintaining 
good thermal conductivity between the solution containers. Seamless spun 
circular dishes with hinged lids made entirely of platinum or gold are 
customarily used. The dishes approximately 4 cm. in diameter rest on a 
thick copper block. Significant improvements in the technique were made 
by Sinclair (86) such as accelerating the attainment of equilibrium by 
evacuation of the system to the vapor pressure of the solutions, solution 
stirring devices, etc. Robinson and Stokes (7I) developed a technique for 
Introducing solutions into the isopiestic system out of contact with air 
Recently the Isopiestic method has been applied by Petheram and 
Spedding (65) in the Investigation of erbium and yttrium chloride and by 
Rush, Robinson and Lindenbaum (76) in the investigation of electrolyte mix­
tures of lithium and barium chlorides and cesium and barium chlorides. 
Rush and Johnson (77) have recently used the isopiestic method to calculate 
the osmotic coefficients and the mean activity coefficients for binary 
solutions of perchloric acid-uranyl perchlorate and sodium perchlorate and 
uranyl perchlorate. 
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The vapor pressure of electrolyte solutions can also be determined 
by the static method which involves direct manometric measurement. The 
technique was first developed by Lovelace and Frasier (47) on potassium 
chloride and later improved upon by Gibson and Adams (27) in their study 
of sodium chloride and sulfate, ammonium nitrate, lithium chloride and 
potassium thiocyanate. The technique involves connecting a flask con­
taining an electrolyte solution and a flask containing a pure solvent to 
either side of an evacuated manometer. By opening the flask stopcocks 
the difference between the equilibrium vapor pressure of the solution and 
the solvent can be measured by the manometer. It should be noted that 
thorough outgassing of the solution and the solvent is essential and is 
accomplished by repeated solidification and melting under vacuum. Further 
refinements were made by Shankman and Gordon in their work on sulfuric 
acid (84) In the nature and treatment of the manometer fluid used. A 
recent survey by Brombacher (10) evaluates various micromanometer designs 
which could be adapted for this technique. 
The depression of the freezing point of the solvent by the solute 
was first used by Rolloff (72) to estimate the activity of the solute at 
the freezing point. More recently, Scatchard and Prentiss (81) have used 
this technique for sodium chloride solutions. With a knowledge of the heat 
capacity and the enthalpy of the solution Gulbransen and Robinson (32) 
have shown that the activity measured at the freezing point can be de­
termined at any arbitrary reference temperature. More recent work in this 
area has been done by Nicholsen and Felsing (58) on the alkaline earth 
and magnesium perchlorates. 
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The elevation of the boiling point of the solvent by the solute can 
also be used to determine the solute activity. The precise determination 
of boiling point elevation Is much more difficult than the measurement of 
freezing point depression because of the phenomena of superheating and 
also the necessity of close pressure control. Also the molal elevation 
of boiling point, if water is the solvent, is only about one quarter the 
molar depression of the freezing point. Thus boiling points must be 
measured with four times the accuracy of freezing points to give results 
of corresponding accuracy. Many early applications of this technique 
have been reviewed In a monograph by Swletoslawskl (96). More recently, 
the work of Smith (87) on boiling point elevation of sodium chloride and 
potassium bromide solutions Is thought to be an outstanding contribution 
to the field. 
The measurement of solute activity by blthermal equilibration was 
described by Stokes (95) In the study of the sulfuric acid-water system. 
The solvent Is maintained at a fixed temperature, T, which Is lower than 
the solution temperature which Is held at 25°C. The solution and the 
solvent are connected by a vapor path but are thermally insulated. Under 
these conditions the solvent will distill Into the solution until the con­
centration of the solution becomes such that Its vapor pressure at 25"C Is 
equal to that of the solvent at the lower temperature, T. Although some­
what cumbersome and requiring a long equilibrium time this method gives 
results comparable to the Isoplestic and the static methods if the 
temperatures of the two solutions can be controlled accurately. 
A different approach to the problem of the determination of electrolyte 
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activities Involves methods which measure the activity of the solute by 
measuring the potentials of suitable electrochemical cells. The basis 
for this technique assumes the electronic nature of all the ionic species 
In the solution. For the lanthanide nitrate solutions considerable cation-
anion completing occurs, giving rise to MNO^^ and MfNOg)** as cations. 
Thus the use of electrochemical cells to study this particular system 
is deemed inappropriate especially at higher concentrations where greater 
amounts of the complex species are present. A more thorough treatment of 
this area can be found in the monographs of Harned and Owen (34), Robinson 
and Stokes (71) and KortUm (38). 
A relatively new method of evaluating electrolyte activity coefficients 
involves sedimentation In an ultracentrifuge. For an electrolyte solution 
the oppositely charged Ions can not move independently but are sedimented 
as ion pairs because no appreciable charge separation is permitted. From 
measurements of the induced concentration gradient the activity co­
efficient of the salt can be determined. Johnson, Kraus and Young (36) 
using refractive Index techniques measured the concentration gradients 
which were Induced in solutions of cadmium Iodide by ul tracentrifug Ing at 
30,000 rpm. Their determination of the activity coefficients from this 
data agreed well with that from solvent vapor pressure and electro­
motive force measurements. 
Debye-HUckle theory forms the basis for any modern interpretation of 
the behavior of electrolyte solutions. All present theories of electrolyte 
solutions are In some way based on the famous "Limiting Law." Guggenheim 
(30) proposed the first modern theory dealing with both single and mixtures 
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of electrolytes over a wide concentration range. Essential to his theory 
are a series of constants analogous to second virial coefficients which 
represent the net effect of various short range forces between the cation 
and anion. The shortcoming of this theory is that Guggenheim used the 
principle of specific Ion interaction which excludes terms relating to the 
interaction of ions of like sign. This leads to some difficulties es­
pecially at the higher concentrations. It should be noted, however, that 
this theory together with later modifications has been applied successfully 
to many electrolytes. Improvements in Guggenheim's theory have been made 
through the years by Scatchard (82) and his coworkers (83)- Provision was 
made for different distances of closest approach for the solute components. 
The Bronsted principle of specific interaction was dropped and terms were 
included for the short range interaction of ions of like sign. Also 
arrays of third virial coefficients were added. With these various im­
provements Lietzke and Stoughton (45) accurately represented the osmotic 
coefficients of twenty pure electrolytes and also worked on several mixed 
electrolyte systems. It should be noted that although these Guggenheim-
Scatchard equations allow enough terms to represent the experimental data 
accurately they are extremely complicated especially for electrolyte 
mixtures and the parameters themselves have no simple physical Interpreta­
tion. PItzer (67) has recently developed a system of equations for 
electrolyte thermodynamics which yields comparable results to the Guggen-
heim-Scatchard equations for both single electrolytes and mixtures. The 
value of Pitzer's system Is that it is much simpler for mixed electrolytes 
and the Individual parameters can be physically interpreted. The main 
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feature of the Pitzer equations is that they include an ionic strength 
dependence on the short range forces in binary interactions. Application 
was made to eight 1:1, two 2:1 and two 1:2 single component electrolytes 
with a concentration range from 0 to 2M and also four 1:1 binary electro­
lyte mixtures. Meissner et_ £]_. (52.53,54) have presented a method 
of estimating the activity coefficient of an electrolyte in single 
component or in a mixed solution. The technique is based on graphical 
analysis of the "reduced mean activity coefficient" for a broad class of 
electrolytes. The method has been found to give good estimates of activity 
coefficients when compared to the published values for single component 
and mixtures of electrolytes. Recently Ailakhverdov and Stepin (z) have 
derived a system of equations which can be used to calculate the individual 
mean activity coefficients in a ternary electrolyte system. All that is 
required is the data for the Individual binary systems possible. Bromley 
(11) has recently developed a generalized analytical correlation for the 
osmotic coefficient, the mean activity coefficient, the enthalpy and the 
heat capacity for single and multicomponent electrolyte solutions. The 
correlations are reasonably good up to ionic strengths of approximately 
six. Covington and LI I ley (21) In a recent article have reviewed the 
entire collection of thermodynamic dat3 on single component and mixtures 
In aqueous solution. Another article by the same authors (22) reviews 
spectroscopic studies of electrolyte solutions. 
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single Ion Activity by Ion Selective Electrodes 
The history, general theory and experimental techniques for using ion 
selective electrodes have been well summarized in two recent monographs— 
one edited by Elsenman (24/, the other by Durst (23/- The main feature of 
any ion selective electrode is the membrane which selectively adsorbs a 
particular ionic species on its surface. The effectiveness of the 
electrode Is determined by the degree of selectivity of the membrane for 
the particular Ionic species. The buildup of ions on the electrode surface 
causes a measurable change in the electrode voltage and the number of ions 
adsorbed Is proportional to the activity of the ionic species In solution. 
Using the Nernst equation It can be shown that the change in electrode 
voltage is directly proportional to the change In the logarithm of the 
particular ion activity. This forms the basis for the whole analytical 
technique. 
Ion selective electrodes can be classified according to the nature 
of the ion membrane. The first type is the solid ion exchange membrane, 
the glass pH electrode being the most familiar example. Haber and 
Klemensiewicz (33) noticed that a thin membrane of glass interposed 
between two solutions develops a potential difference which is dependent 
on the nature and the concentrations of the ions in the two solutions. 
Depending on the glass composition the response may be to or any of 
the alkali metal cations (24). it has been determined that such glass 
electrodes behave simply as cation exchange membranes having a particu­
larly high degree of selectivity among the various monovalent cations. 
The glass is made up of various mixtures of oxides of elements of +3 
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oxidation state or greater with oxides of elements of oxidation state +1 
or +2. A review of different experimental techniques using the glass 
electrode can be found in the monographs by Lingane (46), Bates (6) or 
Willard, Merrit and Dean (97). 
A second type of ion selective electrode is based on the principle of 
liquid Ion exchange. A cellulose acetate disk saturated with a liquid 
organic Ion exchanger serves as the Ion selective membrane. The effective­
ness of this type of Ion selective electrode Is limited by the stability 
constants of the various complex Ion species formed on the membrane surface. 
Various electrode designs have been described by Ross (73,74). 
The nitrate Ion selective electrode Is of the liquid membrane type. 
The organlcs used as the nitrate complex!ng agent are generally transition 
metal complexes with a bulky organic llgand containing the orthophenanthro-
line chelating group. Recent work by Potterton and Shults (68) evaluated 
the performance characteristics of the nitrate Ion electrode with respect 
to contaminate anions, response times, electrode stability and drift and 
temperature fluctuations. Knoeck (37) used the nitrate electrode to 
monitor free NO^ concentrations In solutions of lanthanum nitrate. It 
was found that the free nitrate Ion concentration was somewhat lower than 
the total analytical nitrate concentration, especially at higher concentra­
tions indicating the formation of lanthanum nitrate complexes In solution. 
A flow-through electrode unit capable of measuring nitrate content In 
effluent streams has been recently designed by Mllham (55). Morie 
(57) has developed a technique for the determination of nitrate and nitrite 
In mixtures using the nitrate electrode. The method Is based on electrode 
measurements before and after the addition of ferrous sulfate to the sample. 
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Other recent uses of the nitrate electrode have been in the analyses of 
soils, water and plants for total nitrate concentration (48,42,13), 
Considerable progress has been made using other ion selective elec­
trodes In the study of electrolyte thermodynamics and the formation of 
inorganic complexes. Srlnlvasar and Rechnitz (93 y have used the fluoride 
electrode in the study of ferric (III) and aluminum complexes with the 
fluoride ion. By measuring the analytical F concentration by standard 
techniques and then the free F ion concentrations with the electrode, the 
degree of complexing can be determined. Using a similar method with the 
calcium ion electrode, Rechnitz and Lin (69) were able to evaluate the 
stability constant for the calclum-EDTA complex. Butler and Huston (13) 
using a calcium and a chloride ion electrode have measured the calcium and 
the chloride ion activities in pure CaClg solutions. By appropriately 
combining the two ionic activities, they were able to determine the mean 
activity coefficient for calcium chloride. This compared favorably with 
the mean activity coefficient for CaClg calculated from vapor pressure 
measurements. Butler and Huston (14) later used the sodium and the 
potassium glass electrodes together with the chloride electrode to analyze 
binary aqueous solutions of KCl and NaCl. Their values for Harned's Rule 
coefficient from the electrode data compare well to those obtained from 
vapor pressure data only at high values of total ionic strength. They 
attributed this to low selectivity ratios for the catlonic electrodes. 
Using the sodium, fluoride and chloride electrodes, Butler and Huston (15) 
investigated the mixed electrolyte solution sodium chloride and sodium fluo­
ride. Because of the high selectivity ratios for the chloride and fluoride 
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electrodes, their values for Harned's coefficients are assumed to be 
fairly accurate. No data from the literature was yet available for 
comparison. 
In using ion selective electrodes there is a problem In standardizing 
individual Ion activity. Thermodynamics can offer no unique guide or 
formula in separating the well-defined properties of an electrolyte Into 
those for the individual ions. Bates and Alfenaar (7J have proposed that 
the activity of the chloride ion in NaCl solutions be taken as the 
activity standard. Using this chloride convention together with the pub­
lished values of mean activity coefficients, the activity of,any simple 
Ionic species can be estimated. 
New developments in the area of liquid membrane ion selective elec­
trodes have been recently made by Coetzee and Preiser (19,20). The 
organic for the anion selective electrode was made up of a 1-decanol 
solution of the Aliquat 336S salt of the anion under study. The quaternary 
salt was prepared by converting the Aliquat 336S chloride by repeated 
shaking of its decanol solution with an aqueous .IM solution of the appro­
priate sodium or potassium salt until no further chloride appeared in the 
aqueous phase. The useful concentration range was found to be from 10 ^ 
-c 
to 10 molar for most of the common anions. 
Lanthanide Complexes in Aqueous Solution 
Owing to Its +3 charge the lanthanide Ion forms stable complexes with 
many common anions such as chloride, nitrate and sulfate. The degree of 
complexation is described by the inorganic stability constant of the complex 
which is analogous to an acid dissociation constant. A frequently used 
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technique to estimate complex stability constants involves the solvent 
extraction of the uncomplexed species into an organic phase. The technique 
of this distribution method has been thoroughly reviewed by Zozula and 
Peskova (98). Peppard, Mason and Hucher (61) used this method to deter­
mine stability constants for the chloride and nitrate single ligand com­
plexes of some lanthanldes and actinides. They found that in general the 
nitrate ion forms a stronger complex with the lanthanide ion than chloride. 
ChoppÎn et_ a1_. (17,18) improved the estimates for some lanthanide chloride 
and nitrate stability constants by using radioactive traces with the dis­
tribution method. It was discovered that the lanthanide chloride and 
nitrate complexes are primarily of the outer sphere type. Also the 
enthalpy and entropy of complexing were estimated. Marcus and Abrahamer 
(49/ by the addition of other polar solvents have shown that the water 
molecule and the nitrate ion have about equal affinities for ligand forma­
tion with the lanthanide Ion. Stepanov (94) has recently determined the 
stability constants for a number of sulfate-lanthanide complexes. It was 
also shown that these are Inner sphere in nature. Ahrland (1) In a recent 
publication explained the differences In the thermodynamics of inner and 
outer sphere complexes. New experimental techniques were developed such 
as ultrasonic absorption spectroscopy. Using the nitrate ion selective 
electrode and Infrared and Raman spectroscopy, Knoeck (37) investigated 
lanthanum nitrate complexes In aqueous solution. Krumholtz (4l ) using 
Infrared spectroscopy devised a method for determining the stability 
constants of weak complexes In the neodymium nitrate system. The fractions 
of the total neodymium concentration existing as the complexes Ndf^NOg) 
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and NdfNOg)*^ together with the stability constant of the first complex 
were reported. The reported values covered a wide range of total ionic 
strength, Gotto and Smutz (2$) determined the stability constants of 
some lanthanide chloride complexes by using a potentiometric method to 
measure the change in the free chloride ion concentration. The values 
obtained by this method for the stability constants of the MCI*^ type 
agree well with the values reported by Peppard e^ aj[<. (61 ) and Choppin 
and Unrein (i7). Krumholtz (40) reviewed the solution chemistry of the 
lanthanides citing over three hundred references. Ryabchikov and 
Terentyeva (78) and also Holier (56) have made comprehensive reviews on 
the coordination chemistry and the complex stability of rare earth metal 
ions. Other more recent collections of metallic complex stability con­
stant data include contributions of Choppin (16) and Martel 1 and Si lien 
(50). A recent advance in the coordination chemistry of complexes has 
been the application of statistical thermodynamics. Petruci (66) has 
written a thorough review of the statistical thermodynamics of ionic 
association and complexation in dilute electrolyte solutions. 
Liquid-Liquid Extraction of the Rare Earths 
by Organo-phosphorous Chelating Agents 
Organo-phosphoric compounds used in the liquid-liquid extraction of 
rare earths can be categorized as neutral or acidic depending on the general 
chelation mechanism particular to either class of organic. The neutral 
compounds, the primary example being tri-n butyl-phosphate (TBP), ex­
tract the neutral salt species; while the organic species remain 
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unchanged by the complexing. Since these neutral extractants are not 
part of this study, a detailed presentation of their characteristics will 
not be made. Both Peppard (6o) and Eyring (25) have presented thorough 
reviews of the studies of TBP and other neutral extractants. 
Of the acidicorgano-phosphoric extractants, di-2-ethylhexyl phosphoric 
acid (HDEHP) is the primary example. Upon complexing with a positive 
charged ion the acidic extractant liberates a proton to the aqueous 
phase. The number of extractant molecules per complex is equal to the 
charge of the metallic ion in the aqueous phase. The strength of this 
complex is attributable to its ionic characteristic and also to hydrogen 
bonding among the phosphate groups. 
The mechanism of acidic organo-phosphoric compounds was investigated 
by Peppard e^ £].. in lanthanide extraction studies using HDEHP. Tracer 
rare earth concentrations were used and it is essential to note that the 
mechanisms change at macro-concentrations. First studies (62,63) on the 
extraction of the lanthanides using HDEHP dissolved in toluene showed that 
saturation of the organic phase occurred when mole ratio of cations to 
HDEHP in the organic phase was 1 to 6. it also was determined that the 
ratio of metallic species in the organic phase to that of the metal ion 
concentration in the aqueous phase was inversely third power dependent 
on the aqueous phase acidity. Later freezing point depression measure­
ments of toluene by the addition of HDEHP showed that HDEHP is dimeric 
in solution (&4). On the basis of all their findings at tracer concentra­
tions Peppard et al » proposed the following ion exchange mechanism for 
the extraction of lanthanide ions by HDEHP: 
1 7  
+ 3(HG)2<-^M(HG2)3 + 3H+ (1) 
where (HCjg represents the dimerlc HDEHP and the organometal1ic 
complex. This mechanism was found to be valid (62,63; tracer concen­
trations of trivalent lanthanides in aqueous chloride, nitrate 
and perchlorate solutions at low acidities. Peppard in a study of the 
extraction of tracer levels of thorium (IV) with HDEHP found that the 
organic phase extracted the nitrate anion. It was discovered that the 
nitrate to thorium ratio was approximately 1.0 at saturation of the 
organic phase. Sato (8o) investigating the extraction of the uranyl ion 
+2 (UOg ) by HDEHP from aqueous nitrate solutions found considerable nitrate 
in the organic phase. He explained this by stating that nitric acid is 
extracted into the organic phase as: 
HNOg + (HG)2"WHN0^.(HG)2 . (2) 
The above mechanism is somewhat doubtful, however, since HDEHP does not 
behave as a neutral extractant, and also the experimental concentrations 
of nitric acid in the solutions studied by Sato were low enough to allow 
thorough dissociation of the acid, A more plausible explanation is the 
extraction of the uranyl nitro complex (UOgNO^^). Shaw and Bauer (85) 
studied the extraction of cerium (III) by HDEHP from acidic aqueous 
nitrate solutions. They found that the cerium extraction decreases as 
the acidity increases. It reaches a minimum value around acid concen­
trations of 5 M and increases again at higher acidities. This would 
1 8  
indicate that at the lower acidities the mechanism of Peppard et al. 
(62,63) was obeyed, while at higher acidities cerium nitrate complexes 
are extracted. McDowell and Coleman (51) studied the extraction of 
sodium and strontium from aqueous nitrate solutions. The extraction 
mechanisms at low salt concentrations were found to be: 
Na"^ + 2(HG)2<-->NaG.2HG + H"*" 
+2 + (3) 
Sr + 3(HG)2*->SrG2'4HG + 2H . 
Kosinski and Bostian (39) reported on the extraction of lanthanum by 
HDEHP from aqueous nitrate solutions over a wide concentration range. 
Using mass balance data and i.r. analysis of the organic phase, they 
proposed three extraction reactions which occur simultaneously: 
La"^^ + 3(HG)2.H20<->La(HG2)2 + 3H2O + 3H"^ 
LaNO^^ + 2(HG)^k20<-»LaN0g(HG2)2 + + 2H'^  ( U )  
LafNOg)*^ + (HG)2°H20<->La(N0^)2'HG2 + HgO + H"^ . 
The extraction of uranium from acidic nitrate solutions by HDEHP was 
recently studied by Rozen et al. (75). At low acidities the extraction 
mechanism was found to be: 
U02NO^^ + 2(HG)2<->U02N02(HG2)(HG)2 + (5) 
At higher acidities considerable amounts of U02(HG2)2 were found in the 
organic phase. This was explained by the following organic phase re­
action: 
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2U02N02HG2(HG)2+-»U02(HG2)2 + UO2(N0^)2-2(HQ)2 . (6)  
Other work by Levin aj_, (44) investigated the solvent extraction 
mechanics of gallium by HDEHP from acidic sulfate and perchlorate solu­
tions. 
Extensive studies involving the separation of two or more rare earth 
species by HDEHP solvent extraction from aqueous nitrate solutions can be 
found in the work of Smutz et £]_» (88,89,90,91 ,92). The reviews of 
Peppard (60), Erying (25) and more recently by Golinski (28) give addi­
tional information on extraction by organo-phosphoric acids other than 
HDEHP on aqueous systems having common anions other than nitrate such as 
chloride, sulfate and perchlorate, /\ further complication of the organic 
phase Is the possible formation of HDEHP trimers In the organic phase by 
the following reaction; 
Baes e^ a1^. (5) have investigated this trimer formation in n-hexane through 
isopiestic measurements and found little indication of the trimer species. 
In subsequent Investigations Baes (3) and Baes and Baker (4) suggested 
HDEHP partial trimerization as an explanation for HDEHP-octane nonideal 
solution behavior. However they state quite plainly that without more 
direct evidence for this specific reaction (Equation 7) this interpretation 
should be considered no more than a good Indication of the nature of 
HDEHP-n octane nonideal solution behavior. Peppard e^ al_. (64) through 
freezing point depression and infrared spectroscopy determined that HDEHP 
3(HG)2<->2(HG)3 (7) 
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was strongly dîmerîzed in benzene and napthalene while being monomerized 
in solution with high molecular weight alcohols and monocarboxylic acids. 
Other work by Baes (3) has included activity coefficient determination of 
the HDEHP dimer in n-octane through isopiestic measurements. The structure 
of these hydrogen bonded complexes as indicated by Peppard et aj_. (64) and 
Baes (3) are as follows. The monomer which forms only in polar solvents 
such as high molecular weight carboxcylic acids can be represented: 
0 • •  •  HO 0-R 
, / ' 
R-C 
OH * •  •  0  0-R 
Note the hydrogen bonds are denoted by the dots. 
The dimer which predominates in nonpolar solvents such as hexane or 
any other hydrocarbon diluent can be represented by: 
R - 0^ ^OH • • • 0^ /0-IR 
R -  0  0 • * •  HO 0  -  R 
This bonding is so strong that only traces of HDEHP monomer (as evidenced 
by free OH stretch in IR spectra) have been found in HDEHP concentrations 
as low as .001 M in nonpolar solvents. The trimer structure as suggested 
by Baes (3) is 
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R- 0 0 -R 
R 
\ 
0— 
\p/ 
/\ 
/  \  
P—OH • • 0—P — 0 
R 
\ R R / 
0 
By rewriting the organic anion 
/ \  
R -  0  0"  
as 6 the structure for the complex can be written as 
H 
O 
G — M — G 
/ /\ \ 
H—G G-"H 
At very high metal concentrations in the aqueous phase the three re­
maining acidic hydrogens can react with metal ions thus polymerizing the 
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metal complex (92), The polymer structure Is 
/ \ 
G \ / G  
G — M—6 K) 
— G .G—M—G. G \ \/ /\ \/ 
G—M—G <3 — M— 
/  \  /  \  
G G G G 
\  /  \ /  
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DEVELOPMENT OF THE THERMODYNAMIC AND SOLVENT EXTRACTION RELATIONS 
The Thermodynamics of Single Component Electrolyte Solutions 
In the analysis of the thermodynamics of electrolyte solutions by 
solvent vapor pressure measurements the Gibbs-Duhem Equation is utilized. 
The standard form of this relationship is 
c _ 
SdT - VdP + Z n.dC; = 0 (8) 
i=1 ' ' 
where S, T, V and P are the total system entropy, temperature, volume and 
pressure respectively. The quantity G. as the partial molal Gibbs free 
energy of the ith species of the system, and n. refers to the number of 
moles of ith species present in the system. The upper index of summa­
tion c refers to the total number of chemically distinct species in the 
system. For an electrolyte solution containing one solvent, (A) and one 
salt of stochlometric formula, (v_^, v_ are the number of cations B 
and anions C respectively), at constant temperature and pressure the 
Gibbs-Duhem Equation becomes: 
V^A = •"B'^S - "cdCk " (9) 
Multiplying Equation 9 by the quantity 1000/W^n^ (W^ is the solvent 
molecular weight) yields: 
dG^ = - MgdCg - m|.dG(. (10) 
where mg and tr^, are the molarities of the cationic and anionic species. 
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respectively. The partial molar Gîbbs free energy of the solvent can be 
written as: 
= G% + RT In a^ (11) 
where denotes the partial molar Gibbs free energy of the pure solvent 
and denotes the activity of the solvent-solute mixture. The pure 
solvent exists in equilibrium with its vapor pressure p° and the salt 
solution exists in equilibrium with the reduced solvent vapor pressure 
p^. The following expressions for G^ and G^ can be written assuming 
ideal behavior of the vapor phase: 
G^ = G% (V) + RT In p° • 
(12) 
= K + RT Pa 
where G^ (V) Is the molal free energy of the vapor in the standard state 
of one atmosphere pressure and at the temperature T. By substituting 
Equation 12 In 11 the resulting expression is; 
^A " + RT In Pa/PA • (13) 
Substituting Equation I3 into 10 yields: 
1000 p. „ • dG- dTp 
d In — = m- mp . (1^) 
"A "A ® RT RT 
The ionic molarities can be written as 
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(15) 
= V m 
where m is the molarity of the salt solution. Using the definition of 
act Ivlty: 
dGj = RTd In a. (16) 
and Equations I5, Equation 14 becomes: 
1000 p. 
d In —-— = v+md In _v_md In 
"A P° 
or 
1222. d ]n =- md In (a^ a_) .  (17) 
Pa 
B "C 
The concept of mean Ionic activity (a^) may now be employed where: 
a^ = ag^ a^" and v = v+ + v_ . (Ig) 
Using Equation 18 In I7 yields: 
1000 p 
d In = din a+ . (I9) 
"•""a 
The definition of mean ionic activity coefficient (y ) now can be used: 
. V. -/V 
a+ = (v+* v_ ) ra Y+ 
or 
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d l n a ^  =  d  I n  m  Y +  ( 2 0 )  
Using Equation 20, 19 becomes: 
1000 p 
d In —-— = - d In (m 7 ) . (21) 
p° 
In the solution of Equation 21 the definition of the osmotic coefficient 
$ is frequently employed. 
1000 p 
vtn$ In ( ) . (22) 
«A "A 
By the substitution of Equation 22 in to 21 and by subsequently inte­
grating from 0 to m one obtains: 
m 
In Y = $ - 1 + / ($-l)d In m . (23) 
^ o 
In order to obtain a lower limit for integrand at m = 0 it is necessary 
to employ the Debye HUckle theory for a description of the activity be­
havior for very dilute electrolyte solutions. The most convenient way 
of using the theory is by the modification of the integral term of 
Equation 23 so that the Debye HUckle limit can be readily substituted 
Into the calculations. From Debye HUckle theory (31) It has been shown 
that: ,/2 
1 iiti 1-t o VÎ + " Z ^ 
m.o 7^ -r ) W 
» m J z 
where and Z_ are the charges of the cation and anion respectively. The 
coefficient a depends only on the nature of the solvent and the temperature 
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and is given by: 
2,Np 3/2 
3  " = ( - — )  <  skT ' 
where N is Avogadro's number, k is Boltzman's constant, e is the charge 
of a proton, e is the permittivity of the solvent, p the solvent density 
and T the absolute solvent temperature. For water at 25*C the value of 
this constant becomes: 
y a =0.391 (26) 
and for a 3:1 electrolyte such as NdfNOg)^ the Debye HUckle limit from 
Equation 2k becomes: 
llm 1-$ 
= 2.8733. 
m ->• 0 
By modifying the integral term of Equation 23 the value of the above 
limit can be readily utilized: 
m (l-$) 
Iny^ = ~(l - - 2/ —— d/ln . (27) 
- o /m" 
The term under the Integral sign can be fitted to a polynomial linear In 
terms of /In by regression analysis and subsequently analytically 
integrated. Thus the values of the mean ionic activity coefficient for 
a single salt in solution can be calculated from solvent vapor pressure 
measurements. 
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Two different model s were used in analyzing the osmotic coefficient 
data. The first model suggested by Guggenheim (31) becomes for a 3:1 
electrolyte: 
(j> - 1 = -2.8733 ^ (/g" + 1.5 3 m (28a) 
where o(y) = 3/y^ (l+y - 21n(l+y)} (28b) 
The quantity 6 is an empirical constant to be determined and m is the 
solution molarity. 
The second model developed recently by Pitzer (67) becomes for a 3:1 
electrolyte: 
-3v^ A m'^^ 
<J) - 1 = ï7y +1.5 
1 + /S" 6jm 
^ 1/2 2 
- 1.5 g^m EXP(-/66^m''^) + (29) 
where is the Debye HUckle constant (A^ = .507), m the solution molarity 
and 3 1 through 5 are empirical constants to be determined. Pitzer has 
proposed that values of 3^ = 1.2 and 3^ = 2.0 seem to work quite well for 
broad classes of electrolytes in aqueous solution. It would appear that 
3^ and 3^ are strongly dependent on the nature of the solvent. The 
parameter is a measure of the short range interaction of two ions of 
the same sign while 3^ is determined by the degree of short range inter­
action of two unlike charged ions. 3g is a measure of the ternary 
ionic interaction. 
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The Thermodynamics of Binary Salt Electrolyte Solutions 
When considering multI component electrolyte solutions it is useful 
to Introduce the concept of ionic strength I defined as 
I = y Z m.Z^ (30) 
2 1=1 ' ' 
where mj and Z. are the molarity and the charge of a particular ionic 
species In solution. 
The method of Harned and Robinson (35) analyzes a solution of two 
electrolytes (B and C) at constant total ionic strength I with the follow­
ing model for mean ionic activity behavior in the mixture. 
In Yg = In Yb + 
(31) 
In Yg = In Yc + QcYb ' + 
where Yg, Yg are the mean ionic activity coefficients of the B and C salt 
respectively In the solution mixture and Yg, Y° are the mean activity co­
efficients of pure solutions of B, U respectively at ionic strength I, 
Q's and R's represent Harned's first and second coefficients for the par­
ticular electrolyte and y represents the fraction of the respective 
electrolyte In the mixture. The constant total Ionic strength I is made 
up of two linearly varying components, I g and 1^, the Individual Ionic 
strengths of the B and C electrolyte In the mixture. This relationship can 
be written mathematically as follows: 
I = Ig + Ig = constant (32) 
and 
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'B 'C 
' YC = "T • (13) 
Furthermore the Individual ionic strengths can be related to their 
respective electrolyte molarities as follows: 
'B ~ "2 ^B+'^B-I"'B " ^B^b 
'c ' I^C = kc^c (34) 
where v refers to the total number of ions produced by the specific electro­
lyte, Z^, Z_ refer to the charge of the cation and anion respectively pro­
duced by the specific electrolyte. The Gibbs Duhem equation can now be 
applied to this binary electrolyte system: 
d In a^ = Vg^mg d In a^^ + Vg.mg d In ag_ 
+ Vc+mg d In ac+ + In a^. 
(35) 
where the +, - subscripts refer to the cations, anions of the B and C 
electrolyte. By using the definition of the mean ionic activity (Equation 
18) Equation 35 can be written: 
d In a^ = Vgmgd In ag + v^m^d In a^ . (36) 
Using the definition of the mean ionic activity coefficient (Equation 20) 
and separating the log product terms yields: 
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1000 jj g _ v-riiod In m. + v.m.d In m. 
W. A B B B C C C 
+ Vgtiigd In Yg + V(.mj.d In 
VfidmB + Vgdrng + Vgriigd In Yg 
+ VgNgd In Yg . (37) 
From Equations 33 and 34 it can be shown that 
"b = ' "-c - ° 
Using Equations 38 the first two terms on the right hand side of Equation 
37 can be combined to give: 
VgdmB + Vgdrng = I(vg/kg - Vc/kg) dyg . (39) 
Using Equation 31 the third term on the right-hand side of 38 becomes: 
Vgmgd In Yg = (d In 7% + d(Qg Yg D + d(Rg 1^)} Vgmg 
At constant ionic strength I, Yg» Qg and Rg are all constant so: 
Vgmgd In Yg = - {Qg I dyg + 2Rg 1^ yj.dyg) VgWg 
or 
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V. -2 
Vgnigci In Yg k % + 2Rgl(l - ygildyg . (4o) 
Similarly the fourth term becomes: 
Vp 0 ~ yo) o o 
Vctncd In Yc = T ' Yg^ 
Substitution of Equations 39, 40 and 41 into Equation 37, integrating 
from 0 to yg and collecting like terms yields the following: 
1000 * V Vf. V-
In (a^/a^ ) = (^ - ^ + ^ Q^I) ly^ 
W " "B C "C 
- T ( *8 + Gc) 
-(r *B - k: '^(^6 - yg) . (42) 
D C 
The quantity a* appears on the left-hand side of Equation 42* This 
corresponds to the activity of water at yg = 0 and solution ionic strength 
I or pure electrolyte C solution solvent activity. The quantity a^ 
represents the solvent activity for the electrolyte mixture. The ratio of 
these two activities can be expressed as a ratio of solvent vapor pressures 
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where P^(C) fs the solvent vapor pressure of a pure C electrolyte solution 
of total Ionic strength I. Using this convention and multiplying both 
sides of Equation 42 by yields as the final form: 
1000 kgk. 
In P./Pa(C) = (vpk. - v.k_ + v-k^Q»!)! 
VB ' BTC TB 'C'B^C' 
2 ' ^B 
" ^Vc'^B • ^ckgRc) |3(yg - yyg) (44) 
By measuring the vapor pressures of electrolyte mixtures at constant 
ionic strength and fitting the data to Equation 44 by regression analysis 
It is possible to obtain estimates of the Q coefficients. As pointed out 
by Harned and Robinson (35) these values may or may not be dependent on the 
total ionic strength. The cross differentiation relation: 
3 In Yr 3 In Yp 
"B^ )mg = (45) 
is a general result of the property of a chemical potential being a partial 
differential coefficient of the total free energy with respect to the 
concentration. Harned and Robinson (35) have used this to determine an 
independent relationship between the Q and R coefficients: 
(vgkgQg + VgkgQg) = constant - 2(vgkgRg + v^k^R^)! . (46) 
Experience with other electrolyte mixtures has shown that the values of the 
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R coefficients are very small and can be taken as being independent of 
the total Ionic strength. By making this assumption, Equation 46 can be 
evaluated at two different values of ionic strength and the "constant" 
evaluated. Equation 46 can now be used with Equation 44 to determine the 
values of the R coefficients. 
The concept of excess Gibbs free energy is useful in describing mix­
tures of electrolyte solutions. The excess free energy is the free 
energy of the mixed solution over and above that possessed by the single 
electrolyte solutions which comprise the mixture. The following 
illustration is useful. 
I 
^B "^g "2° Vc S "2° 1.0 k H,0 9 2 
+ i I I 
Yg I/kg moles of C ; Yg ~ moles of B • Yg p- moles of B 
Yg I/kg moles of C ' 
The free energy of the mixture can be written as: 
G, MIX 1000 
RT W 
In VB — (^B 7~ Yg) 
ko ko B "^B a 
(4?) 
+ Vck^ In (yciÇYc) • 
The free energy of the single electrolyte solutions of B and C can be 
wri tten: 
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G 1000 y I I 
—. = In a.(B) + v„yg — In ( — Yq) (48) 
RT ><6 "B 
and 
G. 1000 y- I I 
In a (C) + V y — In (— Y? ) • (49) 
RT kg 
The excess free energy is defined by: 
£ Sm _ _ fc_ ( . 
RT RT RT RT 
By substituting Equations kj, 48 and 49 into 50 and by subsequent ex­
pansion and combination of log terms: 
G^ 1000 
RT 
— t yg In (VV(B)) + Yc <VaA(C)" 
+ VgVj ^ tn (Yg/Yj) + VcYc r "" (Yc/^c ' 
o G 
* VB C Vb - VcYc In Yc • (51) 
0 C 
Using Equations 31, 42 and the analogous expression for In p^/ it 
can be shown that: 
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gE 
RT 
+ 1/3 l( 
Yb + Vc '/kg In Yg . (52) 
k B 
Thus the total excess free energy of the electrolyte mixture can be 
evaluated. The last two terms on the right-hand side of Equation 52 
denote the ideal excess free energy of the mixture. These terms are due 
to the mixing alone and in noway represent ionic interaction. Equation 
^6 can therefore be broken up into two portions, one dealing with the 
excess free energy due to ionic interaction G^j, the other due to mixing 
G^ . Using these definitions: 
(53) 
where 
In Yg (54) 
RT k B k C 
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The Theory of Ion Selective Electrodes 
The chief feature of an ion selective electrode is the sensing mem­
brane which allows only the ion of interest to pass through the membrane 
surface to an internal filling solution, of a fixed activity of the mem­
brane permeable ion. When such an electrode is placed in a solution 
sample there is a momentary flux of ions across the membrane into the 
solution which has the lower activity of the mobile ion. Since the ions 
carry a charge, an electrical potential is set up which opposes further 
ion migration. Eventually an equilibrium is established whereby the 
further net movement of the ions is prevented by this potential across 
the membrane. To complete the electrochemical cell the inner solution 
of the ion electrode is contacted with a suitable reference electrode. A 
second reference electrode is placed in contact with the system by a 
liquid junction (see Figure 1). By connecting a high input impedance 
voltmeter across the two electrodes the potential can be measured which 
is also described by the Nernst equation: 
E = constant + ^-303 RT— ^ (gg) 
ZF 
where E is the measured voltage, RT/F is the Nernst factor, Z and a are 
the charge and the activity, respectively, of the particular ion. The 
constant in Equation 55 is dependent on the choice of reference electrodes 
used, the choice of ion activity in the inner membrane solution and also 
the liquid junction potential associated with the salt bridge (generally 
smal 1). 
Before actual use, the electrode system must be calibrated with 
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Figure 1. General ion selective electrode system 
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standard solutions of known ionic activity. This presents a problem due 
to the uncertainty associated with the definition of ion activity. By 
ion activity Is meant the effective concentration of the free ion in 
solution. This effective concentration is generally less than the total 
concentration due to the presence of complexes and ion pairs and also 
due to the effects of total ionic strength. At the present time, there 
is no known way by which the activity of an ion in a solution of known 
composition can be calculated or measured to a high degree of accuracy. 
Therefore, it is necessary to make some arbitrary assumptions when formu­
lating with accuracy the standard solutions necessary to calibrate the 
electrodes. This problem has been faced in the case of pH measurements, 
and resulted in the development of the conventional NBS pH scale and 
standard buffer solutions. 
The chloride convention as suggested by Bates and Alfenaar (?) will 
be used to formulate standards for use in calibrating the nitrate ion 
electrode. The chloride convention as proposed by Bates and Alfenaar (7) 
Is: 
- log Y-j = '—r . (56) 
^ 1 + 1.5 r 
It was originally intended that this formula be used at ionic strengths 
of O.l or less but Bates ($) has recently suggested that it apply without 
restriction as to ionic strength and thus form a basis for all ionic 
activity standards. Using the definition of mean ionic activity (Equations 
18 and 20) it can be shown that; 
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log = log + 2 log( —) (5?) 
^MCl 
where Y^c] and Yg^y^ are the mean activity coefficients for the salts MA 
and MCi. From the literature values of mean ionic activity and Equation 
56, the value of y^" can be estimated. Bates and Alfenaar (7) proposed 
that cation responsive electrodes be standardized in solutions of the 
corresponding completely dissociated chloride salts and that anion 
responsive electrodes be standardized in solutions of the completely 
dissociated sodium salts of the anions. Thus the suggested standard for 
the nitrate ion electrode is sodium nitrate and the values of nitrate ion 
activity at various concentrations can be calculated from: 
^ NaNO-
log Yno" = log Y_ - + 2 log (— ) . (58) 
•^"3 ' ^ NaCI 
A plot of the electrode potential verses the log of the ion activity of 
the standard solutions can be used as a working curve to determine unknown 
sample activities. 
Another problem associated with ion electrodes is their degree of 
selectivity or what particular ions act as principle interferences during 
electrode measurements. To determine if a particular electrode will be 
subject to Interference from a given sample the empirical equation is 
useful : 
2.303 RT , ,7 
E = constant + — log la + ïk.b. B A ] (59) Lpf I I 
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where a and b represent the activities of the sought after ion and the 
interfering Ion, respectively. The activity of each interfering ion in 
the sample, raised to a power equal to the charge ratio, Is multiplied by 
a weighting factor, the selectivity constant k.. Thus with a knowledge of 
the concentration of interfering ion In the sample and its selectivity 
constant, the electrode response due to the Interfering ion can be pre­
dicted. For each specific electrode, manufacturers supply k. values for 
all the common ions. 
Another problem Is the liquid junction potential of the reference 
electrode. This liquid junction potential or diffusion potential Is due 
to the slight separation of ionic charges that results from the tendencies 
of the various ions to diffuse at unequal rate across the boundary of the 
solutions. The effects of the liquid junction potential can be minimized 
by using In the reference electrode, a solution of approximately the same 
ionic strength and having similar values for the ionic mobilities as that 
for the samples to be tested. This reduces the degree of Ionic diffusion 
and hence the liquid junction potential. Another method of reducing the 
liquid junction potential effect Is by the use of several reference 
solutions to standardize the electrodes throughout the anticipated con­
centration range. 
The Theory of inorganic Lanthanide Nitrate Complexes 
As mentioned In an earlier section the lanthanide ions because of 
their high charge have a tendency to form complexes with various Inorganic 
anions In aqueous solution. In general the degree to which these complexes 
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form Is dependent only on the total tonic strength of the solution. For 
lanthanide nitrates we have the following complexing reactions; 
+ NO" 4-1 M Not^ (60) 
K 
MNO+Z + NOg ^ (61) 
MfNOg)*^ + NO" ^ MfNOg)] . (62) 
Choppin and Strazik (18) have shown that lanthanide nitrate complexes are 
outer-sphere In nature. This means that there Is monolayer of water 
molecules separating the nitrate and lanthanide. This layer of water acts 
as a dielectric and reduces the strength of the Ionic bond which forms 
the complex. For this reason It is assumed that the neutral species 
(MfNOg)^) Is present only at lanthanide nitrate concentrations approaching 
the solubility limit. As all of the solutions studied In this work were 
below the solubility limit, the existence of the neutral species (MfNOg)^) 
Is neglected. From the definition of the complex formation stability 
constants (K^, Kg, K^) we have; 
[MNO+2] 
= ————— (63) 
[M+SjENO,] 
[MtNO.)*^] 
Kg — (64) 
[mno^^KNO^] 
Kg = 0 (65) 
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where the brackets denote chemical activity rather than concentration. 
For a system consisting of the lanthanide nitrate dissolved in water the 
Gibbs-Duhem equation can be written: 
55.51 d In a^ + m^Q^ d In a^g^ + d In a^^ 
+ d In d In a^^ 0 (as) 
where the signs on the subscripts have been eliminated to prevent con­
fusion, m refers to particular ionic molarity and Ml and M2 represent the 
mononitro and dinitro lanthanide complexes respectively. Let be the 
+2 fraction of the total metal species existing as MNO^ , «g the fraction 
of the total metallic species existing as and 1 - - Og the 
+3 T T fraction existing as M . Let m^^ and m^^Q be the total metallic and 
nitrate ion concentrations, respectively. Using these definitions the 
molarity terms in Equation 66 can be rewritten: 
"NOJ = "vioj - "M 1-1 + 2*2) 
ny, . (I - a, - «j) (67) 
"Vll • "i (°|)  
"V12 " "m ('2) 
From Equations 63 and 64 the following can be written: 
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[MNOj^] = [M+3j[NOg"] 
[MfNOg)**] = KgK, 
(6 J 
Using Equations 68 and 67 and the bracket convention to denote activity, 
Equation 66 can be rewritten: 
55.51 d In a^ + {mjJjQ - + Zog)} d In [NO^] 
+ - Oj - Ggïd In [M^^] + 
2 
ajd In {Kj [NOp} + mj a^d In iK^KgCM+^jENOg] } = 0 (69) 
By writing the log of a product as the sum of logs and using = Bmjjj 
Equation 69 becomes: 
0 = 55.51 d In a^ + 3 mj d In [NO^] + mj d In [M*^] 
+ mjjj (aj + a^) d In Kj + mjjj 02 d In . (70) 
The values of [NO^l can be found as a function of mj|j by regression 
analysis of nitrate electrode data. Similarly regression analysis of the 
data of Krumholtz (41) (see Figures 10 and H) gives , «g and as 
functions of mj. Values of Kg can be estimated from the relation 
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*2 = 
[MlNOg)^^] 
iMNO+ZjfNOg] a,[mJo^ - \ + Zcg)] 
(71) 
Integration of Equation 70 from 0 to yields the following: 
T 
- = 55.51 / " 4jr d In a 
+ / " 3 d In [NO"] 
o 
T 
+ J (Uj + Og) d In 
o 
+ / ^ a- d In K, . (72) 
"2 
o 
Thus the activity of the free lanthanide ion [M^^] can be obtained. 
For the binary electrolyte system MfNOg)^- HNO^ - H^O the Gibbs-Duhem 
equation can be written: 
-m]! d In [M*^] = 55.51 d In a + d In [H^] + 
n w n 
{ii^Q - mjlj (a^ + asgjld In [NOyJ 
+ mjlj (a^ + Og) d In K, + Ug d In Kg . (73) 
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Solving this problem at constant total ionic strength (!) and varying 
composition percentage (yg) of electrolyte MtNOg)^ eliminates the terms 
involving and Kg from Equation 73. The values of and were 
assumed to be constant at constant total ionic strength. The integrated 
form of Equation 73 becomes 
Yr y B m, 
- In [M+3j = 55.51 / -|-d In a^ + / ^ d In [h"^J 
o mj^ o m 
^B NO, 
+ / { ^ - (a, + Zag)} d In [NO,] . (74) 
'"m 
The ionic concentrations in Equation 74 can be eliminated by the following; 
T ' 
""m = 
mjj = (1 - yg) I 
'"NO3 = ""H + = (I - Yg/Z) I . 
Through these relationships, Equation 74 becomes: 
333.06 ^B 1 ^B 1 - y* 
- In IM ] = J d In a^ + 6 / ( — ) d In IH ] 
I o YB ° Vb 
/B 1 - 7 /2 
+ 6 / {( — ) + (o, + Zotg)} d In [NO-] (75) 
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where 7g denotes the dummy variable of integration. The values of aj 
and «2 are assumed constant at constant total ionic strength. Similarly 
as in the solution of Equation 11 for the single component electrolyte, 
the data obtained by the vapor pressure measurements and the nitrate and 
hydrogen ion electrode measurements on the binary electrolyte mixtures are 
analyzed by linear regression. Thus the three integrands of Equation 75 
can be estimated as linear functions of y^ and the integration performed 
and [M*^] solved for. 
The Solvent Extraction of Lanthanide Complexes 
The extraction of lanthanide nitrate complexes by HDEHP have been 
studied by Kosinski and Bostian (39) md Rozen et aj_, (75). The following 
extraction mechanism has been proposed: 
+ 3(HG) J<-^M(HG«) J + 3H+| 
A  ^ 0  - ^ 0  A  
"2 
MNot^l + 2(HG)J<—>.MN0-(HGJ,1  + 2H+| (76) 
^ A ^0 ^ ^ 0 A 
M(NO,)+^| + (HG),|<:—2^»M(N0_),(HG,)| + H*| 
^ ^ A 0 ^^ 0 A 
where (HGjg represents the dimerized form of HDEHP in the organic phase. 
This HDEHP dimer was shown by Lenz and Smutz (43) to be the dominant 
species in solutions of HDEHP in Amsco Mineral Spirits, the diluent 
used in this work. The values of K^, and are the solvent 
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extraction equilibrium constants for each species extracted and are 
defined by: 
~ [M+3][(HG)2]3 
^ [MNO+ZjEfHGig]^ 
[M(N02)2-HG2][H+] 
^ [MfNOg)*^] [HGgj 
where the brackets denote the activity of the various species. The total 
activity of the metallic species in the aqueous phase is: 
[M]J = [M+3] + [MNO^*] + [MCNOJ)^'] . (30) 
By using Equations 63 and 64 the above expression becomes; 
[M]J = [M+3] { 1 + K, [NO'] + KJKJ [NOG]^ } . (81 ) 
The total activity of the metallic species In the organic phase is: 
(77) 
(78) 
(na \  
[M]J = [MfHGg),] + [MN02(HG2)2] + [MfNO^jg " HG2] 
Using Equations 77, 78 and 79 this becomes 
(82) 
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, K,lM+3][(HG),]3 K,[MN0+2][(HG),]2 <,[M(NOj^^ ] I (HG) J 
° tnV ^ ,hV 
By using the definitions of the K| and stability constants (Equations 
63 and 64) Equation 83 becomes: 
T [M*3][(HC) ] ; . 
[M]T _j £_ +'<,/,tN03][(HG)2l[H''] [h ] 
+ } . (84) 
The distribution coefficient is defined as the ratio of the total con­
centration of the metallic species in the organic phase to the total con­
centration of metallic species in the aqueous phase. By assuming that 
the ratio of the organic metallic activity to the aqueous metallic 
activity is approximately equal to the ratio of the total organic and 
aqueous metallic concentrations the following relationship for is 
obtained 
[(HG)J K,l(HG),] + K,K, [NO"][H+][(HG),] + K,K,K,[N0_]2[H+]2 
— 2 { J 2 LL_J 2 3 1 2 3 } (85) 
[H+]J 1 + KjENOJ] + K^Kg [NOj] 
Experimental values of can be estimated by the usual experimental 
techniques (90, 91). Values for the hydrogen and nitrate ion activities 
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can be estimated by specific ion electrode measurement. The equilibrium 
concentration of HDEHP dimer can be estimated from the initial HDEHP 
dimer concentration and the total concentration of metallic and nitrate 
ions in the organic phase. 
(HOg = (HCjg - 3(M)J + (NO^J . (86) 
The dimer activity coefficient can either be assumed to be equal to 
unity or the results of Baes (3) for the activity coefficient of the 
HDEHP dimer in n-octane can be used to provide a good estimate. Amsco 
Odorless Mineral Spirits, the diluent used for the HDEHP, is similar to 
n-octane In that it is a mixture of aliphatic hydrocarbons. It should be 
noted that the existence of the trimeric HDEHP species will be neglected. 
The usefulness of this approach is that it simplifies the analysis 
of a solvent extraction system containing two or more lanthanides. Con­
sider a system containing two different lanthanides, M and M'. The 
separation factor for the two metals can be determined from a ratio 
of the two distribution coefficients. 
K,[(HG)2]2 + KgK^ENOglEfHGiglEH*] + K^KjK2[N0p^[H"*"]^ 
1 + K [NO"] + K K [N0"]2 
(87) 
^{[(HG)^]^ + •c^Kj[N0^][(HG)2][H"^] + K^KjK^ENOglZfH+lZ 
1 + KjENOj] + K^Kj[NO"]^ 
50 
The K and K' values are the stability constants for nitrate complexes of 
the two metals and were assumed to be dependent only on total ionic 
strength of the aqueous phase and independent of individual composition. 
The K and k' values are the solvent extraction equilibrium constants for 
the two metals and are independent of ionic strength and composition. 
They are evaluated from single component data for both M and M'. The 
activities of the nitrate and hydrogen ion are measured by the nitrate 
and pH electrodes. Thus 3u ui can be calculated. With a knowledge of i1"n 
the initial concentrations of M and M' in the feed stock the concentrations 
of M and M' can be determined in both the aqueous and organic phases. 
For a feed stream containing n different lanthanide species the re­
lationship for the distribution coefficient of the ith species can be 
written as: 
; [(HG)^] tcj[(HG)j]^ + K2K{[N02][H*][(HG)2] + 
^ [H*]3 1 + KJCNO^] + K^Kj [NOp^ 
2[N0"]2[H+]2 
2 i }. 
Assuming equal volumes of the organic and aqueous phases and letting m. 
represent the concentration of the ith species in the feed stream, the 
concentration of the ith species in the equilibrium organic phase is given 
by: 
- Kim. 
m. = : . (89) 
(K^ + I) 
Similarly the concentration of the ith species in the equilibrium aqueous 
phase is given by: 
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A m. 
m. = —k (90) 
' K * '  
The percentage of the Ith species in the organic phase is: 
i -/ '< • " 
I  I) 
while the percentage of the ith species in the aqueous phase is: 
A m / (K'  + 1) 
%(M;) = —^ (92) 
I m /(KÎ + 1) 
i=l ' " 
A purification factor for the ith species is defined as the ratio of 
the percentage of the ith species in the particular phase to the per­
centage of the ith species in the feed stream. Thus for the organic phase 
the purification factor becomes: 
n 
k] m,/(Ki + 1) "l 
P(mT) .  ^  ' " " ' 
n • • rn. 
V(% * ') 
" i ,/.i . i=l ' 
. I m, (93) 
,1^ Kg ""{/(Kg + 1) 
while for the equilibrium aqueous phase: 
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l/(Kp + 1) 
I m /(K' + 1) 
i=l ' " 
n 
I m 
!=1 ' 
(94) 
These quantities provide information as to the degree to which a par­
ticular species is isolated in a particular phase relative to the original 
feed stream. Thus all aspects of a single stage liquid-liquid extractor 
can be fully defined. 
53 
EXPERIMENTAL PROCEDURES 
Materials 
The rare earth oxides used in this work were supplied by the Rare-
Earth Separation Group of the Ames Laboratory. These oxides were found to 
have a purity of greater than 99.9% by emission spectroscopy. 
The HDEHP obtained from the Union Carbide Corporation had a purity 
of 99.1%. One molar solutions of dimerized HDEHP were prepared by diluting 
pure HDEHP with Amsco (a high molecular weight hydrocarbon diluent) 
which was obtained by the Amsco Odorless Mineral Spirits Company. The 
molarity of the HDEHP was determined on a monomer basis, thus the di­
merized HDEHP was 0.5M on a dimer basis. 
Preparation of Lanthanide Nitrate Stock Solutions 
The lanthanide nitrate stock solutions were prepared by dissolving 
the particular lanthanide oxide in concentrated reagent grade HNO^. The 
amount of acid used was 50% in excess of the required stochiometric amount. 
The excess HNO^ was removed by boiling down the solution on a hot plate 
and subsequent diluting with distilled water. To eliminate hydrolysis 
of the highly charged lanthanide ions, the stock solution was titrated 
with dilute HNOg to the equivalence point where the ratio of lanthanide 
to nitrate is 1:3. This was determined by the point of discontinuity of 
a plot of pH verses milliliters of acid added. It has been determined 
that the equivalence point of lanthanide nitrate solutions occurs at 
approximately pH = 3.0. Thus all stock solutions were adjusted to this 
final value of pH to Insure negligible hydrolysis effects. The 
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concentrations of these stock solutions were accurately determined by 
the total precipitation of the rare earth by the addition of oxalic 
acid. The precipitate was converted to the oxide by roasting and subse­
quently weighed yielding accurate measurements of the stock lanthanlde 
concentration. 
Vapor Pressure Measurements 
The vapor pressures of the lanthanide nitrate solutions were 
statically measured with an apparatus similar to that described by Gibson 
and .Adams (27). A diagram of the system is shown in Figure 2. The 
difference in vapor pressure of the salt solution from pure water is 
reflected by the change in the height of the oil in the manometer columns. 
This height difference can be accurately measured by the micrometer 
adjusted needle. The fluid used in the manometer is 702 Dow-Corning 
diffusion pump oil. This fluid was chosen because of its extremely low 
vapor pressure at room temperature. Its low density (p = 1.051 g/cm^) and 
its relatively low viscosity. The micrometer head was manufactured by 
L. S. Starret and has a two Inch travel with a precision of + .0005". 
The entire apparatus Is enclosed in a controlled temperature enclosure 
capable of holding to .05°C of the 25°C set point. To insure uniformity 
within the temperature enclosure, two Saybolt viscoslmetry thermometers 
(19 to 29*C) measure the system temperature with an accuracy of + .05°C. 
A mechanical vibrator mounted inside the system keeps the solutions well 
mixed and eliminates the possible formation of salt concentration gradients 
at the solution surface during vaporization. 
To insure that the gas phase of the sample contains only solvent vapor, 
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FLEXIBLE COUPLING 
FOR REMOTE CONTROL 
H 
MICRO -
METER 
HEAD 
PURE SALT 
SOLU­
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>-VACUUM 
TWO WAY _ 
"VALVES 
THE ENTIRE APPARATUS IS ENCLOSED 
IN A CONSTANT TEMPERATURE BOX 
MAINTAINED AT 25* C. 
Figure 2. Solution vapor pressure measurement system 
56 
all samples must be totally free of dissolved gases. This is accomplished 
by the freezing of the solution in a mixture of dry ice and acetone, 
evacuation of the sample flask and subsequent thawing of the solution. 
By repeating this process several times the solution is outgassed and 
is ready for vapor pressure measurement when its temperature returns to 
25°C. 
After the closed sample flasks are connected, the entire system is 
evacuated to a pressure less than ten microns. The zero level of the 
manometer is measured by adjusting the micrometer needle so that its tip 
just breaks the liquid surface. The vacuum pump Is disconnected from 
the system and the sample stopcocks are opened. The mechanical vibrator 
is turned on for several minutes and the rate of oil displacement is 
carefully noted. The entire system is allowed to equilibrate for at 
least twenty-four hours before the final oil level measurement is made. 
This insures that both vapor phases are at 25"C and that the oil level 
has attained its final equilibrium position. The latter Is rather 
important due to the oil viscosity and the wetting effects on the glass 
walls of the manometer. The glass manometer body, obtained from the 
Roger Gllmont Co., consists of two interconnected precision bore tubes of 
equal internal diameter. The lowering of the oil level on one side of the 
manometer is equal to the rise of the level on the other. Thus the 
difference in vapor pressure between the solvent and the solution can be 
taken as twice the difference between the zero oil level and the final 
level. An isopiestic check of the readings can easily be made by 
opening the valve which separates the two sides of the system. When the 
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pressures on each side are equal the valve is closed and both the solvent 
and solution reestablish their own vapor-liquid equilibrium. 
To determine the reliability of this system and the experimental 
technique, the vapor pressures of a series of solutions of sodium chloride 
were measured and compared to values found in the literature. The results 
shown in Figure 3 prove the system reliable. 
For very dilute solutions the micrometrîc manometer as described 
above Introduces considerable error due to the very slight displacement 
of the oil level. A new manometer design was developed to allow for 
greater accuracy in the vapor pressure measurement of extremely dilute 
solutions. The main construction feature involves tubing of unequal 
diameter for the manometer arms and two immiscible fluids of slightly 
different densities. The accuracy of differential pressure measurement is 
increased by the magnified height of the liquid-liquid Interface displace­
ment. From a simple pressure balance the governing relationship can be 
shown as: 
AP = [(pj -Pg) + a/A (p^ + pg)] h (95) 
where AP is the pressure difference, p^ and the densities of the heavier 
and lighter fluid respectively, a and A the areas of the small and large 
tubing, and h is the displacement of the liquid-liquid interface. 
The individual vapor pressure of the solutions can easily be obtained 
by subtracting the measured vapor pressure difference from the vapor 
pressure of pure water at 25 C. This value was given by Robinson and 
Stokes (71) as 23.756 mm Hg. 
COMPARISON OF NaCI DATA WITH 
REPORTED VALUES 
RELATIVE APvs MOLARITY 
.09 
.08 
AP/Po 
.07 
.06 
.05 
.04 
A - ROBINSON'S DATA* 
O - EXPERIMENTAL DATA 
.03 
ELECTROLYTIC SOLUTIONS" 
R. A. ROBINSON, ACADEMIC _ 
PRESS 1955 .02 
2.0 3.0 5 1.0 
MOLARITY 
Figure 3. Vapor pressure of sodium chloride aqueous solutions 
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It should also be noted that this vapor pressure measurement tech­
nique is identical for both single and binary electrolyte solutions and 
that final electrolyte concentrations were checked by EDTA titration. 
The computer program used to calculate the activity coefficients from 
vapor pressures was checked by running vapor pressure data for NaCl 
solutions, calculating the activity coefficients for these solutions and 
then comparing these results to literature values. All NaCl data was 
taken from Robinson and Stokes (71). The results are shown in Figure 4. 
Thus the program as written has the necessary accuracy to perform the 
calculation. 
Ion Electrode Measurements 
The electrodes used were the Orion Nitrate electrode and the Orion 
double junction reference electrode. The electrode potentials were 
measured by the 801 lonanalyzer also manufactured by Orion. This Instru­
ment gives a digital readout In millivolts with a precision of + .1 
millivolt. The double junction reference electrode Insures a good 
stability of the reference voltage regardless of the sample concentration. 
See Figures 1 and 5. 
The first step in using an ion selective electrode system is the 
standardization of the electrode system with a suitable electrolyte. 
Sodium nitrate was used and the chloride standard convention as suggested 
by Bates and Alfenaar (7) was used to determine the values of the nitrate 
ion activities In the NaNO^ standard solutions. The electrode was found 
to exhibit a good Nernstian response to nitrate Ion In sodium nitrate 
solutions ranging from .001 to 3M. The eventual non-Nernstlan response 
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Figure 4. Computer calculation of the mean ionic activity 
coefficient for sodium chloride from solution 
vapor pressure data 
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Figure 5. Nitrate ion selective electrode construction 
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5.0 NITRATE ION ELECTRODE 
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Figure 6. Nitrate Ion electrode calibration data—Ion 
concentration 
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Figure 7. Nitrate electrode calibration data-
Ion activity 
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Table 1. Nitrate electrode calibration data using sodium nitrate as the 
calibrating salt 
a a 
®NOj El (tnv.) E2 (mv.) E3 (mv.) 
.001 .00097 66.4 47.5 46.8 
.002 .00190 46.4 52.2 53.5 
.010 .0090 6.1 21.9 19.2 
.020 .0174 -11.7 4.4 0.5 
.100 .0742 -51.6 -34.0 -34.1 
.200 .1337 -62.2 -53.0 -56.1 
.500 .2745 -80.3 -70.5 -70.8 
1.000 .4360 
-92.7 -84.6 -84.0 
2.000 .  6022 -104.0 -94.6 -96.0 
3.000 •6392 -110.7 -103.7 -101.9 
4.000 .6044 -115.0 -107.2 -106.3 
5.000 .3870 -118.5 -110.3 -110.0 
^Calculated using the chloride convention, Equations 56 and 58. 
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above 3M NaNO^ was attributed to the failure of the chloride convention 
used to calculate the nitrate ion activities. The results of three inde­
pendent experiments calibrating the nitrate electrode can be seen in 
Figures 6 and 7 and Table 1. The shift of the data from experiment 1 from 
experiments 2 and 3 is attributed to a shift in the reference electrode 
voltage. Using this data together with the Nernst equation (Equation 55) 
an average value for the reference voltage (E^) can be determined over 
the entire experimental concentration range. Using this average value 
and the measured total electrode potential, the nitrate ion activity of 
any sample in this concentration range can be determined. 
Considerable difficulty was encountered in using the nitrate electrode 
in solutions containing sizable amounts of ions. The millivolt readings 
seemed too highly negative for the approximate nitrate concentrations of 
the samples. The varying background concentration of hydrogen ions was 
assumed responsible for this. A possible explanation for this electrode 
interference is the greater ability of the smaller, more mobile hydrogen 
ion to diffuse into the liquid junction of the reference electrode than 
the larger, more bulky NO^ ion. This liquid junction potential would 
cause the high negative reading observed. 
To verify this assumption, the Bates Convention (7) was used to esti­
mate values of Y^jq" and thus a for nitric acid solutions. 
log Y = log Yj," + 2 log(YN0-/YHc,) (96) 
where: 
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Table 2. The calculation of the nitrate ion activity coefficient in 
aqueous solutions of nitric acid 
^HNOj ^cl" 
.1 .796 .791 .778 .768 
.2 
.767 .754 .731 .706 
.3 .756 .735 .703 .665 
.4 
.755 .725 .684 .630 
.5 .757 .720 .669 .605 
.6 
.763 .717 .657 .580 
.7 .772 .717 .647 .558 
.8 
.783 .718 .639 .537 
.9 .795 .721 .632 .520 
1.0 .809 .724 .626 .501 
1.2 .840 .734 .615 .470 
1.4 .896 .745 .607 .449 
1.6 .916 .758 .600 .411 
1.8 .960 .775 .593 -387 
2.0 1.009 .793 .  588 .363 
2.5 1.147 .846 .577 .314 
3.0 1.316 .909 .569 .271 
^Calculated 
^Calculated 
using 
using 
Equation 
Equation 
56. 
98. 
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Figure 8. Nitrate ion activity coefficient as calculated by the Bates 
chloride convention for nitric acid aqueous solutions 
Activity Coefficient of thie Nitrate Ion in HNO3 Solution 
vs 
HNO^ Molarity 
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Table 3. Nitrate electrode measurements on nitric acid aqueous solutions. 
(All electrode measurements in millivolts) 
^HNOg ^NO" ®N0" El E2 Eal* 
Ea2® 
.0605 .820 .0496 -35.8 -21.9 -113.0 -99.1 
.1449 .740 .1072 -55.7 -44.9 -113.1 -102.3 
.5994 .583 .3493 -108.4 -106.3 -135.4 -133.3 
1.2155 .470 .5713 -136.5 -139.0 -150.9 -153.4 
2.4365 .318 .7736 -189.9 -193.8 -196.5 -200.4 
^Calculated by Equation 55. 
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Figure S. Nitrate electrode measurements of nitric 
acid aqueous solutions 
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.509 
log Yp," r (56) 
1 . 0  +  1 . 5  r  
The actual values of calculated are shown in Table 2 and Figure 8. 
With this information nitrate electrode measurements on various concen­
tration HNOg solutions can be made and the Nernstian performance of the 
electrode evaluated. The data from nitrate electrode measurements of 
HNOg solutions is shown in Table 3 and illustrated in Figure 9. As seen 
from Figure 9 the data deviates quite sharply from the Nernstian slope at 
the higher HNO^ concentrations supporting the assumption that the inter­
ference is due to diffusion into the liquid junction of the reference 
electrode. This can be compared with the nitrate electrode measurements 
of NaNOg solutions (Figure 7) where Nernstian behavior is exhibited 
throughout the concentration range. 
One way of correcting for this diffusion effect is to evaluate 
the reference voltage for each nitrate activity and measured electrode 
potential and make the reference voltage functionally dependent on the 
concentration of the ions in the solution. This dependence of the 
reference voltage on the concentration is shown in Figure 10. Thus 
through careful calibration with pure HNO^ solutions and a knowledge of 
the concentration of the sample the reference voltage can be calculated 
and the nitrate ion electrode can be used to determine the nitrate ion 
activity of the sample. 
In the analysis of solvent extraction samples it was necessary to 
determine the hydrogen ion activity of the equilibrated aqueous phase. A 
Beckman 39301 glass pH electrode was used in conjunction with a Beckman 
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Figure 10. Reference voltage of nitrate electrode 
system versus the hydrogen ion concentration 
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saturated calomel electrode and the electrode potential was measured 
by the Orion 801 lonanalyzer. To determine whether the presence of a 
highly concentrated polyvalent ion would seriously affect the pH electrode 
performance, a simple experiment was run on a sample containing a high 
concentration of NdCNO^), and slight HNO^ ( -10 ^ M). The hydrogen ion 
concentration (at these exjtremely low concentrations activity equals the 
concentration) was measured by the pH electrode. This was roughly checked 
by pH test paper. The sample was carefully diluted several times and 
after each dilution the hydrogen ion concentration of the sample was 
measured using the pH electrode. The results can be seen in Table 4 and 
Figure 11. By assuming that the hydrogen ion concentration first measured 
before any dilution is correct, the subsequent hydrogen ion concentrations 
can be calculated using the dilution factor. The good agreement between 
the measured and the calculated hydrogen ion concentration is shown in 
Table 4. Considering that the neodymium concentration is on the order of 
a million times greater than the concentration it would appear that the 
polyvalent neodymium ions have a slight effect on the glass pH electrode 
measurements. 
It also should be mentioned that the pH electrode was calibrated 
before and during use with buffer solutions of 4.01 and 2.27 pH values. 
Certain general procedures have been followed for electrode measure­
ments which tend to increase the experimental accuracy: 
1) The initial electrode preparation should be the same for both ex­
perimental and standardization measurements. In this work both electrodes 
are rinsed with deionized water and patted dry with absorbent tissue after 
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Table 4. pH electrode measurements of highly concentrated neodymium 
nitrate solutions 
Molarity (Nd) pHl pH2 (H*) ^ Oil. Fact. 
1.226 6.281 6.288 5.19 X 10-7 - - 5.19 X 10-7 
.7356 6.495 6.509 3.15 X 10-7 .600 3.11 X 10-7 
.4904 6.676 6.696 2.00 X 10-7 .667 2.08 X 10-7 
.2452 6.930 6.986 1.10 X 10-7 .500 1.04 X 10-7 
^Calculated from pH = - log (H*). 
'^Calculated from dilution factor. 
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each measurement. An Orion microsample dish is used to hold all solutions. 
2) The electrode equilibration time should be the same for both the 
unknown and the standard. An equilibration time of 200 seconds was found 
to give good reproducible results over the concentration range studied in 
this work. 
3) It was also found that the electrode exhibits quicker response 
times when going from lower to higher concentration solutions than vice 
versa. 
4) When working with high concentration solutions the organic ion 
exchange liquid should be changed frequently to prevent electrode failure. 
One sign of electrode failure for the nitrate system is the formation of 
a red.crystal in the organic phase. Under these conditions the electrode 
response is very erratic until fresh organic is used. 
5) Standardization with several standard solutions bracketing the 
ion activity of the unknown solutions is beneficial. This procedure 
diminishes errors introduced by nontheoretical electrode response and by 
the residual liquid Junction potential. 
Stability Constant Data 
+2 
The values of the stability constant for the complex NdNO^ (K^) and 
the relative percentages of complexed species present in solution as 
determined by Krumholtz (41) are given in Table 5. The values of were 
estimated by using this data In Equation (71). The values of , oty and 
Og were carefully extrapolated out to regions of higher ionic strength. 
These extrapolated values were used to calculate values for and Kg at 
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Table 5. Stability constant and complex fraction data 
Ionic strength K, 
CO 
"T *1 "2 
.18 2.20 .310 .115 .112 .003 
.24 1.80 .515 .183 .173 .010 
.36 1.40 .641 .265 .240 .025 
.60 1.10 .536 .370 .325 .045 
1.08 0.90 .413 .500 .420 .080 
2.12 0.70 .429 .640 .480 .160 
3.00 0.60 .439 .725 .500 .225 
4.12 0.50 .762 .780 .473 .308 
6.00 0.44 .711 .815 .365 .450 
9.00 0.40 1.789 .845 .170 .675 
12.00 0.39 — — .885 .055 .825 
^Calculated by Equation 71. 
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higher ionic strengths. The values of Kj, those of and those of a^, 
Oj and «2 are illustrated in Figures 12, 13 and 14, respectively. From 
these figures it can be seen why and were chosen to be extrapo­
lated and Kg and calculated. In dealing with mixtures of electrolytes 
such as HNOg and NdfNOg)^ the values of the stability constants and the 
complex fractions will be considered constant at constant total ionic 
strength. 
Linear regression analysis of the stability constants and the complex 
fractions yielded the following results: 
InK, = .634694 - .612871 + .080401^ - .00338(3 
= .955 ' (96) 
InKg = -.75684 - .042111 + .023311^ - .000251^ 
= .790 (97) 
a, = .14608 + .238661 - .045431^ - 00208]^ 
R^ = .932 (98) 
«2 = -.00312 + .07129* + .001991^ - .000181^ 
R^ = .999 (99) 
The Activity of the Free Lanthanide Ion 
Using the definitions of the stability constants, and K^, (Equations 
63 and 64) and the complex fractions, and a^, it was shown in the 
previous section that the Gibbs-Duhem Equation (Equation 8) for the 
lanthanide nitrate-water system becomes: 
2.80 
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ln[M*3] = 55.51 / ""m -2^ dlna^ 
o 
T 
+ / 3dln[N0"] 
o 
T 
+ / (ttj + a^) dlnKj 
o 
•"M 
+ / cx dlnK- (72) 
o 
where mj is the total lanthanide concentration. 
Regression analysis can be used to estimate the various quantities in 
Equation 72 as linear polynominals of By letting mjjj equal x the 
following equations can be generated from the data: 
2 ? Ina^ = a^ + a^x + a^x + a^x (100) 
InCNOg] = + b^x + bgxf + b^x^ (101) 
ln[Kj] = c^ + c^x + Cgxf + c^x^ (102) 
1n[Kg] = d^ + d^x + dgxf + d^x^ (103) 
2 3 Oj = e^ + ejX + e^x + e^x (104) 
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Og = fg + f|Z + fgX^ + (105) 
where the various a's, b's, c's, d's, e's and fs are the calculated re­
gression coefficients from the data. For the stability constant and 
complex fraction data it is assumed that the total metal concentration 
is equal to the ionic strength divided by six (see Equation 34). 
The following differentials can be written: 
dlna = a,dx + 2a_xdx + 3a_x^dx (106) 
w I z i 
dInCNOg] = b^dx + Z^gXdx + Sa^x^dx (107) 
dlnKj = Cjdx + 2c2xdx + Slc^x^dx (108) 
dlnKg = djdx + S^gXdx + jW^x^dx (109) 
Combining Equations 104, 105, 106, 107, 108 and 109 into Equation 72, 
collecting like terms and integrating yields: 
-In = 55-51 a^lnx 
+ [111.02a, + 3b, + (e + f )c, + f d,] x 
e. I O O I 0 1 
+ [83.3653^ + 3b2 + (e^ + f^) C|/2 + (e^ + f^jcg 
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+ [Sbg + (e^ + fglCj/S + 2(ej + f|)c2/3 
+(e + f )c_ + f d- + 2f,d-/3 + f,d,/3] 
o 03 03 I / / I 
+ [(63 + fg) c^/4 + (eg + fg) Cg/E + 3(e^ + f^) Cg/A 
+ f3d^/4 + + dgfg/E] 
+ [2(6^ + fgicg/S + 3(62 + fgicg/S + 2d2f3/5 
+ 3d2f2/5] 
T 
m. 
+ [(e^ + fj) 0^/3 + dgfg/^] x^ Iq" (no) 
where x is evaluated between the limits 0 and ml. M 
To make Equation 110 less cumbersome the following substitutions are 
employed; 
A = 111.02a, + 3b, + (e + f )c, + f d, (111) 
e. I o o I 01 
B = 83.3653^ + Sbg + (e^ + f^)Cj/2 + (e^ + f^jcg + f^dj 
+ f,d,/2 (112) 
C = Bbj + (e^ + fgjCj/B + 2(e^ + ^^5)^2/3 + (e^ + f^ic^ 
+ f^dg + 2f,d2/3 + fgdj/B (113) 
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D = (e^ + ^2)0^/4 + (eg + f2)0^/2 + 3(e^ + 
+ fgd,/* + 3d2f,/4 + dgfg/Z (114) 
E = 2(6^ + fglcg/S + 3(6% + fgicg/S + Zd^f^/5 
+ Sdgfg/S (115a) 
F = (eg + f2)c2/2 + dgfg/Z (115b) 
It should be noted that A, B, C, D, E and F are all constants. 
Substituting into Equation 110 the quantities A, B, C, D, E and F and 
taking the ant!log yields: 
T 
5 •? U C I "^M [M+3] = e-55.51a,lnx ^-Ax ^-Bx ^-Cx ^-Dx ^-Ex ^-Fx (116) 
Evaluating Equation 116 at the lower limit x equals o yields the result: 
[M+3] = e"55'51 a,1no (l)(l)....(l) (II7) 
with lim Inx = - ». 
x-*-o 
If the regression coefficient a^ is greater than zero the lower limit of 
[M ] becomes the exponential of infinity, an obviously undesirable 
situation. If the regression coefficient is equal to zero, the lower limit 
becomes the exponential of zero times minus infinity, an indeterminate 
quantity. If the regression coefficient is negative the lower limit be­
comes the exponential of minus infinity and would become zero. This is the 
desired result since the activity of a species becomes equal to its 
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concentration as the concentration approaches zero. Thus at zero con­
centration the activity becomes zero. 
The physical interpretation of the a^ coefficient can be made in the 
following way. At very low concentrations Equation 100 can be approximated 
by: 
ln(a ) = In P/P = a + a, (118) 
w o o I n 
and 
91n(a ) 31n(P/P ) 
w o_ ^ g (119) 
T T 1 3m  ^ 3m  ^
Thus the slope of the In of the water vapor pressure versus solute concen­
tration at low concentration is equal to a^. Now a^ > 0 would mean that 
the addition of a nonvolatile solute to a solvent would tend to increase 
the solvent vapor pressure. If a^ =0 then the addition of a nonvolatile 
solute to a solvent would have no effect on the solvent vapor pressure. 
Both of these cases are contradicted by physical reality which states the 
vapor pressure must be lowered. Thus a^ < 0 and the lower limit for [M ] 
goes to zero as required. 
Solvent Extraction Analysis 
The solvent extraction feed solutions were prepared by dilution of the 
lanthanide nitrate stock solution with distilled water and nitric acid. 
These initial solutions were then contacted with equal volumes of IM HDEHP 
in separatory funnels. They were then agitated for a half an hour by a 
mechanical shaker. The funnels were rested for a half an hour then 
agitated again for a half an hour then allowed to rest for twelve hours. 
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After this time the phases were carefully separated. A volumetric sample 
of the organic phase was back extracted four times with an equal volume 
of 6M HNOg. This solution was evaporated to dryness to remove the excess 
acid and then diluted to an appropriate concentration. The pH of this 
solution was then adjusted to 3-0 to eliminate any hydrolysis effects and 
then titrated with a standardized EDTA solution using arsenazo as the 
Indicator and pyridene as the buffer. The concentration of the lanthanide 
in the organic phase can now be calculated. EDTA titration was also used 
to calculate the lanthanide concentration in the aqueous phase. The hydro­
gen ion concentration of the aqueous phase cannot be determined directly by 
titration with OH because of the hydrolysis with the lanthanide ion. The 
cation exchange resin, Dowex 50 x 8, is used to adsorb the lanthanide ion 
(85,86). A volumetric sample of the aqueous phase is passed through an ion 
exchange column containing the Dowex resin. For every lanthanide ion 
attached to the resin three ions are liberated to the aqueous phase. 
This aqueous phase, after complete lanthanide removal by passage through the 
column, is collected and analyzed for total acidity by titration with NaOH 
using phenolphtalein as the indicator. The equilibrium acidity is the total 
acidity minus three times the aqueous lanthanide ion concentration. 
The total nitrate concentration in the organic phase due to the ex­
traction of lanthanide complexes by HDEHP can be calculated through the use 
of the nitrate electrode. First a volumetric sample of the organic phase 
is back extracted several times with a strong acid whose anion has a very 
small selectivity constant for the nitrate ion electrode. Sulfuric acid 
-c 
with = 3 X 10 was used for this purpose. Equal volumes of 
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3M HgSO^ were contacted 3 times with the organic phase. The resulting 
aqueous solution was diluted and analyzed by the nitrate electrode. 
Suitable standards were made up containing sulfuric acid and sodium 
nitrate to determine exact nitrate ion concentrations of the samples. 
From the nitrate and lanthanlde concentrations of the organic phase 
(assuming no HDEHP trimers) the free concentration of the HDEHP dimers 
can be estimated from Equation 86. 
(HGig = (HG)] - 3(M)J + (NOpJ (86) 
The organic liquid used to dilute the HDEHP was Amsco Odorless Mineral 
Spirits which Is a mixture of high purity aliphatic hydrocarbons. For 
this reason the degree of monomerization caused by polar solvent inter­
action is considered negligible. Because the organic diluent consists of 
a mixture of hydrocarbons the estimation of accurate activity coefficients 
for the dimer becomes an extremely difficult task. Early attempts at the 
measurement of HDEHP dimer activity coefficient In Amsco Mineral spirits 
by considering the solvent to be a hypothetical pure component proved fruit­
less. Vapor pressure measurements on Amsco-HDEHP solutions were made using 
averaged properties for the Amsco (such as molecular weight and pure solvent 
vapor pressure). Results were found to be non-reproducible. The reason 
was attributed to the lack of uniformity in sample outgasslng. In the 
outgassing procedure some solvent Is unavoidably lost In the process. Thus 
different amounts of the most highly volatile portion of Amsco can be lost 
even with identical samples. For this reason the data was not reproducible 
and activity coefficient determinations for the HDEHP dimer in Amsco were 
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not made. 
Estimates of the activity coefficients of the HDEHP dimer in n-
octane have been made by Baes (3) on the basis of isoplestic comparisons 
with triphenylmethane in n-octane as the reference solution with the 
assumption that the activity coefficient of the triphenylmethane is unity. 
The results were formulated into the following empirical equation: 
"'5227 
where (ÎI refers to dimer molality. Through density measurements of HDEHP-
n-octane solutions Baes (3) has determined the relationship betweem dimer 
molality (ft) and dimer molarity (m) as: 
"'(HG)^ (HG)^ -'5 • (121) 
Baes and Baker (4) in the analysis of iron (III) extraction by HDEHP in n-
octane showed that the dimer activity can be represented by: 
Y(HG)2 = - -"32 • <!"' 
It should be noted that both Equations 120 and 122 were determined over a 
concentration range of = .02 - .16. 
Owing to the similarity of n-octane and Amsco Odorless Mineral Spirits 
Equations 120 and 122 should provide a reasonable estimate for the activity 
coefficient of the HDEHP dimer in Amsco. The similarities between the two 
organic diluents are as follows: 
1) n-octane is a nonpolar aliphatic hydrocarbon and Amsco is a mixture 
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of nonpolar aliphatic hydrocarbons. 
2) The molecular weight of n-octane Is 114 while the mean molecular 
weight for Amsco (determined by freezing point depression of benzene) was 
found to be 148.7. 
3) The density of n-octane is .7061 gm/cm^ while that for Amsco is 
.7428 gm/cm^. 
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DISCUSSION OF RESULTS 
Single Component Electrolyte Solutions 
The results of the static vapor pressure measurement of single 
component aqueous solutions of NdtNOg)^ and LafNOg)^ can be seen in 
Figure 15. The absolute value of the solution vapor pressure at 25°C can 
be obtained by subtracting AP from the vapor pressure of pure water; 
11.9976 Inches of Dow Corning 702 diffusion pump oil. It also should be 
noted that due to the restrictions of the manometer design the lower limit 
for vapor pressure measurements occurs at concentrations of roughly .05M. 
The similarity of the Nd and La solution vapor pressures should be noted. 
Through the use of Equation 22 the osmotic coefficient $ can be 
calculated. This Is Illustrated In Figure 16. The relative scatter in 
this data is due to the sensitivity of the osmotic coefficient to varia­
tions In the measured vapor pressure due to the logarithm dependence. 
Values of the osmotic function calculated from (l-$)//~m are shown 
In Figure 17. Linear regression analysis was used to fit a five parameter 
model, linear in terms of /nT" to each set of data. It also should be 
mentioned that the Debye-HUckle Intercept was Included as a data point. 
For LafNOgXg the following equation was obtained: 
= 2.8696 - 7.4289m1/2 + 9.8869m - 7.l033m^^^ + 1.9455mf (123) 
/nT" 
with a correlation coefficient of .9998 and a mean deviation of .0292. 
For Nd(NO^} the following equation was obtained: 
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= 2.8696 - 8.4062m1/2 + 13.211m - 10.31 
/TT 
+ 2.8994 (I2if) 
with a correlation coefficient of .9978 and a mean deviation of .0481. 
The mean activity coefficient can now be calculated by using Equation 
27 and the results are illustrated in Figure 18. At very low concentra­
tions the value of the activity coefficient of both salts approaches 1.0 
as required by definition. Both sets of activity coefficients decrease 
to a minimum value with increasing concentration. With higher concentra­
tions the activity coefficient begins to increase. This minimum is 
typical of mostly all electrolyte solutions and is caused by the reduction 
in the amount of free water due to the large number of solvated tons 
present in solution at the higher concentrations. This minimum occurs 
at roughly the same molarity region for both NdfNO^jg and LafNOg)^. The 
relatively low values obtained for the activity coefficients of both 
electrolytes are assumed due to catlon-anlon complex!ng In the aqueous 
phase. This complex formation has the effect of reducing the total number 
of ion-moles in the solution, the quantity v. From Equations 22 and 27 
it can be seen that this reduction In v raises the osmotic coefficient 
value which in turn decreases the mean activity coefficient. The predictive 
techniques of Meissner et^(52,53.54) were used to estimate the value 
of for NdfNOgjg at .333 molarity. The results were: 
Meissner: Y+ = •158 
This work: - .125 . 
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This seems to verify that the mean activity coefficients of the lanthanlde 
nitrates are In this low region as indicated by Figure 18« The data for 
the vapor pressures and activity coefficients for these two salts is 
given In Tables 5 and 7. 
The results of the investigation of the single electrolyte solutions 
of LafNOg)^ and NdfNOg)^ by the nitrate electrode are shown in Figure 19 
and Figure 20, respectively. The curves denoting the sample measurements 
and the electrode calibration measurements are clearly marked. The reason 
for the voltage shift between experiments 1 and 2 on Figure 20 was that 
the Internal reference electrode solution was changed between experiments. 
This caused a change in the reference voltage (E^) which caused the shift 
between the data of 1 and 2. Also it should be noticed the slopes re­
mained fairly linear throughout the entire experimental range. Each point 
on a calibration curve together with the proper value of the nitrate Ion 
activity gave a value of the reference voltage by Equation 55- From each 
calibration curve four determinations of the reference voltage were made 
then averaged to give a single value of E^. The variation of the indi­
vidual values was never more than 2 or 3%. With this average value of 
the reference voltage throughout the concentration range the sample measure­
ments together with Equation 55 yield the nitrate Ion activity of the 
solution. This is Illustrated in Figure 21 for the NdfNOg)^ and the 
LafNOg)^ solutions. 
At lower concentrations the values for nitrate ion activity appear to 
be equal for both solutions. At higher concentrations, however, the 
nitrate activity In the Nd solutions becomes much larger than that of the 
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Table 6 . Vapor pressure data of La(NO^)^ aqueous solutions 
m p® $ (l-$) / 
.0445 11.9727 .6485 1.6665 .2753 
.0969 11.9486 .5864 J.3285 .1928 
.2562 11.8730 .5660 .8575 .1247 
.5493 11.6996 .6360 .4912 .0976 
.8975 11.4174 .7671 .2459 .0967 
1.1340 11.1280 .9215 .0737 .1046 
1.3490 10.9046 .9835 .0142 .1159 
1.5750 10.5686 1.1183 -.0942 .1302 
1.8140 10.2847 1.1795 -.1333 .1450 
2.1040 9.9351 1.2452 -.1690 .1557 
^Measured in inches of Dow-Corning 702 diffusion pump oil. 
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Table 7. Vapor pressure data of NdfNOg)^ aqueous solutions 
m P* * (l-$ )/ /m 
.0522 11.9686 .6439 1.5585 .2692 
.0945 11.9456 .6384 1.1763 .2080 
.2550 11.8792 .5402 .9106 .1323 
.5110 11.7596 .5446 .6371 .0979 
.7672 11.5578 .6761 .3698 .0885 
1.0283 11.3076 .8000 .1972 .0911 
1.2890 11.0556 .8811 .1048 .1024 
1.5070 10.7546 1.0080 -.0065 .1166 
1.7680 10.3626 1.1509 -.1135 .1356 
1.9300 10.0601 1.2675 -.1925 .1453 
^Measured In inches of Dow Corning 702 diffusion pump oil. 
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La solutions with increasing concentration. A possible explanation for 
this could be the difference in strengths or stabilities of the nitrate 
complex which forms with either neodymium or lanthanum. If the lanthanum 
ion formed a stronger, more stable complex than the neodymium ion the free 
nitrate ion concentration hence the nitrate ion activity would be much 
lower for the lanthanum ion than for the neodymium ion. In support of this 
contention, Peppard ej^£l_. (61) have reported the stability constant of 
+2 
the LaNOg complex at a total ionic strength of 1.0 as 1.3 ± .3, while 
Krumholtz (41) has reported the stability constant of NdNO^ at a total 
ionic strength of 1.08 as 0.9 ± .2. This would seem a reasonable explana­
tion for the difference in nitrate activity of the two solutions. The 
collected nitrate electrode data is illustrated in Tables 8 and 9. 
The osmotic coefficient data for NdfNOg)^ solutions illustrated by 
Figure 16 and in Table 7 was modeled by the equations suggested by 
Guggenheim (Equation 28) and Pitzer (Equation 29). The results are shown 
In Figure 22. The parameter 3 In Guggenheim's model was calculated by 
2 linear regression to be .2653. The correlation coefficient (R ) was found 
to be .787. The poor fit of the data for this model is accounted for by 
the fact that Guggenheim's model is more appropriate for dilute solutions 
(only takes Into account unlike ionic interactions) while the osmotic co­
efficient data fitted covered a wide concentration range. 
The parameters 3^ and 3^ for the Pitzer model were estimated at 1.200 
and 2.00 respectively. These values were suggested by Pitzer himself and 
they are believed to be determined by solvent characteristics. The other 
parameters calculated by linear regression were found to be: 3^ = O.336O, 
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Table 8a. Nitrate electrode data for LafNOg)^ solutions. 
N NO, standards 
a 3 
m.,.- a.,«- El ^  E2 
"NO^ -NOg 
.10 .0742 -31.0 -27.8 
1.00 .4360 -77.9 -75.1 
2.00 .6022 -88.8 -87.7 
Average = -98.45. 
Table 8b. La(NO^)^ sample solutions 
""NO- El E2 ^NOg 
.133 -30.4 -30.6 .0711 
.291 -42.5 -41.7 .1117 
.770 -60.7 -56.6 .2131 
1.650 -72.4 -71.8 .3588 
2.695 -80.5 -81.7 .5092 
3.410 -82.3 -84.3 .5547 
4.050 -85.2 -86.6 .6138 
4.740 -86.3 -88.8 .6519 
5.460 -88.8 -91.5 .7326 
6.325 -90.8 -93.5 .7827 
!04  
Table 9a. Nitrate e lectrode data for NaXNOg)^ solutions 
®NOj El® £2*^ 
.10 .0742 -41.0 -6.2 
.50 .2745 -71.4 -38.5 
1.00 .4360 -83.1 -52.0 
2.00 .6022 -94.9 -66.6 
^Average E^l = -106.22. 
^Average 5^2 = 
-73.94. 
Table gb. Nd(NOj)j sample solutions 
•"NOj El E2 ^NOg 
.157 -42.3 -10.0 .0832 
00 CM 
-49.W -23.4 .1257 
.766 -68.2 -38.8 .2414 
1.538 -79.2 -45.9 .3681 
2.282 -88.2 
-57.8 .5150 
3.033 -92.3 -63.5 .6241 
3.873 -98.0 -67.8 .7570 
4.540 -101.8 -72.3 .8851 
5.340 -105.0 -75.1 1.023 
5.825 -106.7 -76.8 1.0674 
®Average based on El and E2. 
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Figure 22. The models of Guggenheim and Pitzer for 
osmotic coefficient data of electrolyte 
solutions 
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3^ = 1.1575 and 3^ = 0.014. As pointed out In the theory section these 
parameters provide a relative measure of the degree of Interaction between 
Ions of like sign (gg), unlike sign (3^) and ternary Ionic collisions (3^). 
As would be expected 3^ is much larger than 3^ or 3g. The quantity 3^ has 
an appreciable value and is probably due to the interaction of the large 
bulky nitrate Ions. The measure of the ternary interactions 3g Is 
essentially negligible. 
Binary Electrolyte Solutions 
The results of static vapor pressure measurement of aqueous mixtures 
of nitric acid and neodymlum nitrate at constant total ionic strength can 
be seen in Figure 23. The vapor pressures at yg = 1.0 came from the 
single component vapor pressure data for NdfNOg)^. The vapor pressures 
at yg = 0 (pure HNOg solutions) were taken from Robinson and Stokes (71) 
and are Illustrated In Figure 2k and Table 10. The logarithm of the water 
activity referenced to pure nitric acid solutions Is Illustrated in Figure 
25. The common Intercept at zero Is due to the referencing of the water 
activity to the pure nitric acid solutions. 
Harned's plot for a binary electrolyte solution at constant total 
Ionic strength Is presented in Figure 26. The utility of this plot can be 
seen from Equation 44. Because of the linearity of the data at each total 
Ionic strength, the slope and Intercept of each line determines the value 
of the Q coefficients at each total Ionic strength. The actual data is 
presented In Table 11. 
Through linear regression analysis of the data the slope and Inter­
cept of the line at 1 = 3.0 were -23.024 and 54.142, respectively. The 
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Figure 23. The vapor pressures of pure nitric acid 
aqueous solutions 
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Figure 24. Binary electrolyte solution vapor pressures 
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Table 10. HNO^ - H^O data* 
m 4 p'' 
0.1 .940 .791 11.960 
0.2 .935 .754 11.920 
0.3 .936 .735 11.875 
0.4 .940 .725 11.038 
0.5 .944 .720 11.795 
0.6 .950 .717 11.750 
0.7 .957 .717 11.710 
0.8 .964 .718 11.670 
0.9 .971 .721 11.625 
1.0 
.979 .724 11.580 
1.2 .994 .734 11.495 
1.4 1.009 .745 11.405 
1.6 1.025 .758 11.308 
1.8 1.042 
.775 11.214 
2.0 1.060 
.793 11.150 
2.5 1.106 .846 10.860 
3.0 1.154 .909 10.590 
^Taken from: R. A. Robinson and R. H. Stokes, Electrolyte Solutions, 
Academic Press, N.Y., N.Y. 1955). 
''Measured In Inches of 702 pump oil. 
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Figure 25. The log of the ratio of the water activity 
in the binary solution to the water 
activity of the single component C (HNO,) 
solution at constant total ionic strength 
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Figure 26. Harned's plot of binary electrolyte 
vapor pressure data 
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Table 11. NdtNOg)^ - HNO^ - H^O data 
I Yg p ln(B- ) (6000/18 Yg) In (p/pg) 
P r 
3.0 .20 10.911 .02986 49.86 
3.0 .20 10.907 .02949 49.25 
3.0 .40 11.172 .05350 44.55 
3.0 .60 11.409 .07449 41.37 
3.0 .80 11.502 .08261 34.44 
3.0 ,80 11.544 .08626 35.93 
3.0 1.00 11.640 .09454 31.50 
1.50 .20 11.5326 .01596 27.03 
1.50 .40 11.6642 .02731 22.76 
1.50 .60 11.7606 .03554 19.72 
1.50 
O
 
G
O
 
11.8102 .03975 16.53 
1.50 1.00 11.8976 .04712 15.71 
0.6 .20 11.8162 .00562 9.360 
0.6 .20 11.8186 .00582 9.703 
0.6 .40 11.8706 .01021 8.510 
0.6 .40 11.8796 .01097 9.140 
0.6 .60 11.9276 .01517 8.330 
0.6 .80 11.9436 .01634 6.680 
0.6 .80 11.9556 .01735 7.227 
0.6 1.00 11.9476 .01668 5.560 
1 1 3  
correlation coefficient was .9949 and the mean deviation about the re­
gression line was .6818. Similarly for the line at 1 - 1.5 the slope and 
the intercept were -17.27 and 30.145, respectively, while the correla­
tion coefficient and the mean deviation about the regression line were 
.9968 and .3120, respectively. At 1 = 0.6 the slope was found to be 
-4.775 while the intercept was 10.678. The correlation coefficient was 
.9664 and the mean deviation .3537. From these slopes and intercepts the 
Q coefficients were calculated from Equation 44. They are illustrated in 
Figure 27 and appear to be strongly dependent on total Ionic strength. 
From the values of the Q coefficients at different total ionic strengths 
the R coefficients can be calculated by using Equation 46. The following 
values were obtained: R = -.5900 and R_ = -.1967. They are assumed to D t 
be Independent of the total Ionic strength of the mixture. 
With the Q and R coefficients fully determined the excess Gibbs free 
energy of the mixture can be evaluated using Equation 52. These results 
are shown in Figure 28 and Illustrate the deviation of the mixture from 
Ideality. The data for the R coefficients and the excess Gibbs free energy 
are summarized In Tables 12 and 13. 
The logarithm of the water activity, the hydrogen ion activity and the 
nitrate ion activity for NdCNO^)^ " HNO^ - H^O solutions versus the ionic 
strength fraction of neodymium nitrate (yg) are shown In Figures 29, 30 and 
31.  In Figure 29 the logarithm of the water activity approaches a finite 
value at yg = 0 and yg = 1.0. This corresponds to a pure nitric acid 
solution (yg = 0) and a pure NdfNOg)^ solution (yg = 1.0). In Figure 30 
the log of the hydrogen Ion activity goes to minus infinity as y_ nears 1.0. b 
1 ) 4  
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Figure 27. Q coefficients for Harned's binary electrolyte model 
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Figure 28. Excess Gibbs free energy of binary electrolyte mixture 
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Table 12. Q coefficients 
Se 
3.00 -.4418 -.2791 
1.50 -1.8217 -.6720 
0.60 -2.5502 -1.3606 
Table 13. Excess Gîbbs free energy 
-G^/RT 
Yg I = 3.0 1=1.5 1=0.6 
.20 2.313 .3279 .1409 
.40 3.470 .491» .2114 
.50 3.615 .5124 .2202 
.60 3.410 .491# .2114 
.80 2.313 .3279 .1409 
.10 1.301 .1845 
CM o
 
.05 .687 .0973 --
.02 .283 — — — 
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Figure 29. Average water activity of neodymium 
nitrate-nitric acid aqueous solutions 
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Figure 30. The hydrogen ion activity of neodymium 
nitrate-nitric acid aqueous solutions 
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Figure 31• The nitrate ion activity of 
neodymiurn nitrate-nitric acid 
aqueous solutions 
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This corresponds to a zero hydrogen ion concentration or a pure NdfNOg)^ 
solution as indicated by y_ = 1.0. Thus the pH electrode behaves correctly 
D 
at high NdfNOg)^, low concentrations with little appreciable response 
to the polyvalent metal ion. 
The nitrate ion activities shown in Figure 31 were measured using 
the standardization technique described in the Procedures section for the 
nitrate electrode for samples with a high hydrogen ion concentration or 
acidity. Pure samples of known HNO^ concentration and nitrate activity 
were analyzed with the nitrate electrode. From the data the reference 
voltage as a function of the hydrogen ion concentration could be calculated. 
Thus for a sample with a known concentration of the reference voltage 
could be calculated and the nitrate ion activity thus measured. The data 
for this calibration method Is presented in Figures 32 and 33 and Table 14. 
In Figure 32 only the maximum and minimum values of the measured voltage 
were plotted showing the spread of the data. The individual calibration 
corresponds to a series of experimental nitrate electrode measurements. 
All of the calibrations were lumped together to produce one equation to 
predict the reference voltage, E^, as a function of sample acidity. Figure 
33 shows the averaged value of the reference voltage calculated from 
Equation 55 versus the concentration. Through regression analysis of 
the data the following equation was estimated: 
Eg = -102.449 - 47.394 m^NQ^ + 3-410 (125) 
where m^^Q Is the sample molarity of nitric acid. The remaining data for 
the determination of [NO^] and [H*] is presented in Tables 15 and 16. 
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Figure 32. Nitrate electrode voltage produced by 
nitric acid standard solutions of known 
nitrate ion activity 
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Figure 33. The averaged reference voltage of the 
nitrate electrode system as a function 
of acid concentration 
Table 14. Nitrate electrode calibration data using nitric acid standards 
'"NOj YNO; ®NOj El E2 E3 E4 E5 E6 E7 EA® 
.0605 .820 .0496 -35.8 -21.9 -27.8 -25.4 -32.1 -25.6 -29.7 -105.51 
.1449 .740 .1072 -55.7 -44.9 -50.3 -48.7 -54.3 -43.2 -49.2 -106.84 
.5994 .583 .3493 -108.4 -106.3 -105.4 -110.4 -109.2 -104.3 -107.3 -134.35 
1.2155 .470 .5713 -136.5 -139.0 -138.2 -135.6 -138.7 -135.2 -140.4 -152.04 
2.4365 .318 .7736 -189.9 -193.8 -194.2 -188.7 -191.2 -187.9 -195.2 -198.15 
^Calculated from Equation 55 and the averaged values of the nitrate electrode voltage. (All 
electrode readings are in millivolts). 
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Table 15. Nitrate electrode measurements on 
acid solutions at constant total 
neodymium nitrate-nitric 
ionic strength (l) 
I (H+)b Ea(mv.)^ E(mv.) [NOgjd 
.6 .80 .12 -108.1 
-55.3 .1281 
.6 .60 .24 -113.6 -63.9 .1444 
.6 .40 .36 -119.1 -71.9 .1596 
.6 .20 .48 -124.4 -79.6 .1746 
1.5 .80 .30 -116.4 -85.6 .3012 
1.5 .60 .60 -129.7 -102.6 .3489 
1.5 .40 .90 -142.3 -119.0 .4031 
1.5 .20 1.20 -154.4 -134.0 .4518 
3.0 .80 .60 -129.7 -124.8 .8278 
3.0 .60 1.20 -154.4 -155.3 1.0352 
3.0 .40 1.80 -176.71 -181.2 1.1910 
3.0 .20 2.40 -196.6 -212.6 1.8674 
^Fraction of neodymîum nîtrate makîng up the total îonîc strength. 
'^Hydrogen ion concentration of the aqueous phase. 
^'Calculated by Equation 125. 
^Calculated by Equation 55. 
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Table 16. pH electrode measurements on 
solutions at constant total 
neodymium nitrate-nitric acid 
ionic strength (l) 
1 E(mv) 
1 1 
.6 .80 346.7 .0745 
.6 .60 363.4 .1378 
.6 .40 373.8 .2066 
.6 .20 380.0 .2630 
1.5 .80 375.0 .2116 
1.5 .60 390.6 .3972 
1.5 .40 404.1 .6718 
1.5 .20 407.7 .7729 
3.0 
O
 
O
O
 
390.4 .4107 
3.0 .60 410.5 .8607 
3.0 .40 424.6 1.4918 
3.0 .20 435.6 2.2819 
^Fraction of neodymîutn nitrate making up the total ionic strength. 
'^Calculated by 
E = Ea + 59.16 log [H+] 
where Ea was determined by buffer solutions to be 414.32 mv. 
126 
Neodymium Ion Activity Determination 
Through linear regression analysis of the vapor pressure and nitrate 
ion activity data for NdfNOg)^ solutions, the parameters appearing in the 
neodymium ion activity equation were solved for. 
The solution vapor pressure data for Nd(NO^) - H^O in Figure 15 and 
Table 7 was analyzed by linear regression and yielded the following infor­
mation: 
a^ = .00078 
a, = -.03155 
'  (126) 
ag = -.01372 
a^ = -.00871 
2 
with a correlation coefficient (R ) of .999. 
The nitrate electrode measurements for NdfNO^) - H^O in Figure 21 and 
Table 9b were analyzed by linear regression and yielded the following 
Information: 
bg = -2.5402 
b, = 4.4132 
' (127) 
bg = -3.0549 
b^ = .76930 
2 The correlation coefficient (R ) is .988. The coefficients of Equations 
102, 103, 104 and 105 were multiplied by the appropriate factor of six 
(I = 6m Nd(N0g)2) yielding the following parameter estimates: 
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Cq = .63469 
c, = -3.6772 
Cg = 2.8944 
Cg = - .72912 
= .955 
dp = -.75684 
(128)  
d, = -.25626 (129) 
dg = .83916 
d^ = -.05297 
= .790 
Bq = .14608 
= 1 =  ( 1 3 0 )  
ej = -1.6355 
= .44981 
= .932 
fg = -.00312 
= .42777 
fg = .07158 
fg = -.03897 
= .999. 
Using these parameter estimates the activity of the free neodymium ion can 
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be calculated throughout the entire concentration range by Equation 116. 
The results of this calculation from .05 to 2.0 Molar are illustrated in 
Figure 34 and Table 17. By using the values of to determine the free 
concentration of neodymium ion (m^j+3 = (1 - aj)mJj) the activity co­
efficient of the free neodymium ion can be calculated. The results are 
shown in Table 17 and Figure 35. The failure of the activity coefficient 
to go to unity smoothly as the concentration approaches zero is ascribed 
to the inaccuracy of the regression parameter estimates at these extremely 
low concentrations. The main sources of this error are the estimates for 
the d coefficients for the second stability constant, Kg, especially at 
the low concentrations. This can be seen in Figure 13. 
HDEHP Solvent Extraction 
Analysis of equilibrium HDEHP extraction data on the system NdfNOg)^ -
HNOg - HgO was performed as described in the Procedures section. The 
equilibrium metal concentrations in the aqueous and organic phases and the 
equilibrium acidity of the aqueous phase are presented along with the 
calculated values for the distribution coefficient in Table 18. 
The analysis of the organic phase for nitrate content and the estima­
tion of the equilibrium HDEHP dimer concentration was performed as outlined 
in the Procedures section. Samples of the organic phase were first back 
extracted with sulfuric acid, diluted, and then the nitrate concentration 
measured through the nitrate ion electrode. The details of this technique 
will be elaborated on for the first 10 samples. First ten standards were 
prepared having varying concentrations of nitrate ion and a constant back­
ground concentration of sulfuric acid (.3M). The percentage of sulfate ion 
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Figure 34. The activity of the free neodymium 
ion as a function of total neodymium 
concentration in aqueous nitrate 
solution 
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vs 
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Table 17. Activities and activity coefficients of the free neodymium ion 
in neodymium nitrate aqueous solutions 
""Nd ^Nd+S ^Nd+3 Y j^+3 
.1 .0066 .370 .0630 .1049 
.2 .0105 .510 .0980 .1071 
.3 .0116 .595 .1215 .0956 
.4 .0124 .670 .1320 .0937 
.5 .0134 .725 .1375 .0972 
.6 .0149 .762 .1428 .1043 
.7 .0173 .784 .1512 .1141 
.8 .0207 .796 .1632 .1268 
.9 .0256 .805 .1755 .1459 
1.0 .0325 .815 .1850 .1775 
1.1 .0419 .820 .1980 .2114 
1.2 .0545 .825 .2100 .2593 
1.3 .0709 
o
 
oo 
.2210 .3207 
1.4 .0914 .839 .2254 .4054 
1.5 .1156 .845 .2325 .4974 
1.6 .1421 .850 .2400 .5922 
1.7 .1679 .855 .2465 .6813 
1.8 .1889 .863 .2466 .7661 
1.9 .2009 .870 .2480 .8103 
2.0 .1990 .875 .2500 .8652 
1 3 1  
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Figure 35. The activity coefficient of the free 
neodymium ion in aqueous nitrate 
solution as a function of total 
neodymium concentration 
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Table 18. NdfNOg)^ - HNOg - HgO - HDEHP extraction data 
Sample Kp 
1 .0751 .0144 .2210 5.215 
2 .1031 .1498 .3224 .6762 
3 .1110 .3781 .4550 .2936 
4 .1166 .6138 .5560 .1900 
5 .1221 .8458 .6792 .1444 
6 .1313 1.1047 .7731 .1189 
7 .1350 1.3296 1.2720 .1015 
8 .1365 1.5845 1.7900 .0861 
9 .0567 .0222 .2710 2.5560 
10 .0422 .0178 .3625 2.3740 
11 .0240 .0142 .4325 1.6870 
12 .0085 .0071 .5311 1.1891 
13 .0556 .1267 .5049 .4385 
14 .0268 .1078 .8527 .2485 
15 .0132 .0801 .9836 .1646 
16 .0038 .0422 1.2158 .0895 
17 .0434 .3313 .8121 .1309 
18 .0150 .2535 1.3068 .0592 
19 .0271 .1957 1.8486 .1383 
20 .0049 .0956 2.4456 .0515 
21 .0612 .0784 .3779 .7803 
22 .0097 .0665 .5181 .1495 
23 .0061 .0517 .6796 .1219 
24 .0071 .0285 .8032 .2502 
25 .0534 .2470 .5516 .2163 
26 .0238 .1924 .9341 .1234 
27 .0095 .1354 1.3427 .0702 
28 .0033 .0736 1.7466 .0452 
29 .0548 .0244 .2665 2.2520 
30 .0695 .0744 .3379 .9345 
31 .0744 .1524 .3843 .4880 
32 .0724 .2681 .4654 .2699 
33 .0689 .3810 .5401 .1807 
34 .0771 .6156 .9270 .1251 
35 .0652 .8471 1.4360 .0773 
^Equilibrium 
'^Equi 1 ibrium 
organic 
aqueous 
neodymium 
neodymium 
concentration, 
concentration. 
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interference for the nitrate electrode was calculated by Equation 59 
(k-o-2 = 3 X 10 and was found to be negligible. The voltage of the 50^ 
nitrate electrode in these various standards was now measured. This data 
is shown in Table 19 and is used to construct the nitrate-sulfate calibra­
tion curve for the nitrate electrode (Figure 36). Actual samples (diluted 
appropriately so that the background H^SO^ concentration is .3M) can now be 
measured with the nitrate electrode. Using the electrode voltage and the 
calibration curve (Figure 36) the nitrate content of the aqueous sample can 
be obtained. Through the value of the dilution factor the nitrate content 
of the organic phase is obtained. These results are shown in Table 20 
and indicate substantial amounts of NO^ in the organic phase. For high 
concentrations of Nd(N02)2 in the aqueous phase the fraction of neodymium 
complexed with the nitrate ion increases sharply. This is shown in Figure 
14. Thus at higher feed concentrations more of the nitrate species should 
be extracted into the organic phase along with the metal species. This is 
shown quite well from the data of Table 20 in Figure 37. Also the ratio of 
nitrate to metal increases quite sharply with increasing feed concentration 
as shown by Figure 38. This data was used to calculate the free equilibrium 
HDEHP dimer concentration by means of Equation 86. This data is illustrated 
in Table 21. It should be emphasized that this method was used to deter­
mine the HDEHP dimer concentrations for the remaining data points as well. 
These are also shown in Table 21. 
The hydrogen ion activity of the equilibrium aqueous phase was measured 
by Beckman pH and saturated calomel electrodes. The reference voltage of 
the system was calculated through electrode measurement of standard buffer 
1 3 4  
Table 19. Nitrate electrode data for nitrate--sulfate standards 
Standard 
"NOg *50^2 aSO^^iNTF^ E 
1 .0030 .30 .55 20.8 
2 .0060 .30 .27 7.7 
3 .0150 .30 .11 -15.4 
4 .0300 .30 .06 -32.7 
5 .0600 .30 .03 -50.4 
6 .1200 .30 .01 -72.0 
7 .0015 .30 1.10 36.3 
8 .00075 .30 2.20 48.2 
^Sulfate interference calculated by Equation 59. 
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Figure 36. Calibration curve for nitrate electrode with 
sulfate background concentration of .3M 
Table 20. Nitrate electrode data for organic phase samples backextracted with HgSO^ 
Sample m^-2 E(mv.) *^0'* "mf "w "'L" 
1 .30 64.5 .00030 30 .0090 .0751 .10 
2 .30 51.5 .00065 30 .0195 .1013 .25 
3 .30 40.0 .00120 30 .0360 .1100 .50 
4 .30 32.3 .00176 30 .0528 .1166 .75 
5 .30 26.6 .00240 30 .0720 .1211 1.00 
6 .30 21.9 .00333 30 .1000 .1311 1.25 
7 .30 18.8 .00345 30 .1135 .1350 1.50 
8 .30 15.4 .00410 30 .1230 .1365 1.75 
9 .30 14.2 .00435 30 .1305 .1434 2.00 
^Taken from the calibration curve of Figure 36. 
''organic phase nitrate concentration calculated from the sample nitrate concentration and the 
dilution factor. 
''Approximate initial feed molarity. 
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Figure 37. Nitrate concentration of equilibrium organic phase 
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Table 21. Estimation of the free HDEHP dimer concentration in the 
equilibrated organic phase 
Samp1e 
1 a 
(HG)^ 
•"Nd 
cb 
(HGig 
1 .50 .0751 .0090 .2837 
2 .50 .1013 .0195 .2156 
3 .50 .1110 .0360 .2030 
4 .50 .1166 .0528 .2030 
5 .50 .1221 .0720 .2057 
6 .50 .1313 .1000 .1961 
7 .50 .1350 .1135 .1985 
8 .50 .1365 .1230 .2135 
9 .50 .0456 .0050 .3683 
10 .50 .0422 .0080 .3813 
11 .50 .0240 .0086 .4366 
12 .50 .0085 .0057 .4804 
13 .50 .0556 .0270 .3603 
14 .50 .0268 .0236 .4462 
15 .50 .0132 .0162 .4767 
16 .50 .0038 .0090 .4977 
17 .50 .0434 .0580 .4297 
18 .50 .0150 .0380 .4923 
19 .50 .0271 .0192 .4922 
20 .50 .0049 .0096 .4989 
21 .50 .0612 .0066 .3225 
22 .50 .0362 .0096 .4009 
23 .50 .0173 .0072 .4552 
24 .50 .0071 .0086 .4872 
25 .50 .0534 .0300 .3697 
26 .50 .0238 .0128 .4416 
27 .50 .0095 .0128 .4843 
28 .50 .0033 .0096 .4996 
29 .50 .0548 .0034 .3389 
30 .50 .0695 .0110 .3025 
31 .50 .0744 .0225 .2994 
32 .50 .0424 .0370 .4099 
33 .50 .0689 .0430 .3364 
34 .50 .0615 .0520 .3674 
35 .50 .0561 .0560 .3878 
^Initial HDEHP dimer concentration. 
Equilibrium dimer concentration. 
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solutions. From the Nernst Equation (Equation 55) the reference voltage 
becomes : 
Ea = E + 21 in[H+] (132) 
or since pH = - log [H*], Equation 132 becomes 
Ea = E - 59.16 pH (133) 
where E Is measured in millivolts. For all pH electrode measurements 
Ea was found to vary only slightly between 414 and 417 millivolts. The 
data is shown in Table 22 and the hydrogen ion activity [H^] calculated 
Is based on the average of the two values of electrode voltage (El and E2). 
The nitrate ion activity of the equilibrium aqueous phase was measured 
by nitrate electrode. As mentioned In a previous section, the presence 
of ions in the sample causes a serious interference of the nitrate 
electrode operation. This acidity interference was eliminated by Equation 
125 which determines the reference 
Ea = -102.449 - 47.394 m^+ + 3.410 mj+ (125) 
voltage Ea as a function of acidity m^+. Thus through the hydrogen ion 
concentrations of the equilibrium aqueous phase (Table 18) the reference 
voltage can be calculated and the nitrate ion activity accurately 
determined. These values are presented In Table 23. 
The values of the two stability constants (k^ and Kg) for the two 
neodymium-nltrate complexes existing In the equilibrium aqueous phase can 
be determined from the total Ionic strength of the aqueous phase using 
Equations 96 and 97. The total ionic strength can be obtained from the 
following relationship; 
] k ]  
Table 22. pH electrode data for equilibrated aqueous phase 
Sample Ea(mv.)® El(mv.) E2(mv.) 
1 416.16 356.8 363.1 .1212 
2 416.16 368.3 373.9 .1871 
3 416.16 377.9 384.0 .2746 
4 416.16 385.8 392.9 .3807 
5 416.16 394.4 400.7 .5239 
6 4l6.l6 402.6 410.6 .7451 
7 4l6.16 412.3 419.4 1.0680 
8 416.16 424.4 425.3 1.4638 
9 416.27 372.9 370.7 .1771 
10 416.27 378.4 376.7 .2224 
11 416.27 383.3 380.7 .2635 
12 416.27 387.9 385.4 .3157 
13 416.27 384.1 385.1 .2915 
14 416.27 400.2 403.4 .5700 
15 416.27 405.5 409.6 .7103 
16 416.27 421.3 418.5 1.1510 
17 416.27 405.1 404.3 .6374 
18 416.27 416.5 416.4 1.0070 
19 416.27 426.5 424.5 1.4322 
20 416.27 435.3 431.7 1.9560 
21 414.60 382.9 380.5 .2779 
22 414.60 398.8 396.6 .5181 
23 414.60 405.9 403.5 .6796 
24 414.60 408.1 405.5 .7391 
25 414.60 395.7 392.7 .4521 
26 414.60 412.1 408.8 .8510 
27 414.60 424.0 420.3 1.3430 
28 414.60 432.1 428.6 1.8466 
29 416.07 369.2 367.3 .1555 
30 416.07 376.5 375.5 .2102 
31 416.07 383.6 382.2 .2749 
32 416.07 396.4 393.8 .4420 
33 416.07 405.9 403.5 .6431 
34 416.07 412.4 414.0 .8942 
35 416.07 424.7 422.9 1.3770 
^Calculated from pH measurements of buffer solutions by Equation 132. 
^Calculated from the averaged value of El and E2 using Equation 55. 
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Table 23. Nitrate electrode data for equilibrated aqueous phase 
Sample (H+)^ Ea(mv.)^ E (mv. ) [NO-]^ 
1 .2210 -112.8 -74.8 .2626 
2 .3224 -117.4 -89.2 .3340 
3 .4550 -123.3 -103.6 .4644 
4 .5560 127.7 -113.2 .5677 
5 .6792 -133.1 -124.8 .7249 
6 .7731 -137.1 -129.1 .7338 
7 1.2720 -157.2 -138.9 .4902 
8 1.7900 -176.3 137.5 .6560 
9 .2710 -115.0 -85.5 .3167 
10 .3625 -119.2 -87.7 .2937 
11 .4325 -122.3 -93.5 .3259 
12 .5311 -126.7 -100.7 .3641 
13 .5049 -125.5 -107.6 .4981 
14 .8527 -140.4 -131.1 .6952 
15 .9836 -145.8 -139.7 .7872 
16 1.2158 -155.0 -145.9 .7021 
17 .8121 -138.7 -127.4 .6444 
18 1.3068 -158.6 -134.7 .3950 
19 1.8486 -178.4 -181.1 1.1104 
20 2.4456 -198.0 -193.6 .8421 
21 
.3779 -119.9 -86.7 .2750 
22 .5181 -126.1 
-111.7 .5712 
23 .6796 -133.1 -113.4 .4648 
24 .8032 -138.3 -131.5 .7665 
25 .5516 -127.6 -105.8 .4289 
26 .9341 -143.7 -126.1 .5032 
27 1.3427 -159.9 -144.4 .5462 
28 1.7466 -174.8 -164.4 .6665 
29 .2665 -112.9 -86.4 .3563 
30 .3379 -117.0 -95.3 .4302 
31 .3843 -120.2 -111.2 .7056 
32 .4654 -123.8 -123.6 .9935 
33 .5401 -127.1 -124.2 .8731 
34 .9270 -143.5 -140.7 .8962 
35 1.4360 -163.5 -154.5 .7051 
^Hydrogen ion concentration of the equilibrated aqueous phase. 
^Reference voltage calculated by Equation 125. 
^Calculated by Equation 55. 
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I = + 6 (134) 
where I Is the total Ionic strength, m_ Is the equilibrium aqueous phase 
n 
activity and m^^ is the total metal concentration of the aqueous phase. 
Thus from the equilibrium concentration data of Table 18 the Ionic strength, 
K| and K2 can be calculated for a particular sample. These values are 
shown In Table 24. 
Solvent Extraction Model 
Assuming that the dimer activity coefficient Is equal to unity, the 
data for the free dimer concentration, hydrogen Ion activity, nitrate Ion 
activity and the two stability constants, and K^, can be assembled In 
the theoretical form suggested by Equation 85. The solvent extraction 
equilibrium constants (K^ and K^), defined in the Theory section, can 
be estimated by linear regression analysis. The data used In the model 
is presented In a compact form in Table 25. The results of the regression 
analysis are 11 lusrated in Figure 39 by plotting the calculated value of 
Kg from the model versus the experimental value of K^. For a perfect fit 
of the data all points should lie along the 45° straight line. From 
Figure 39 the theoretical correlation suggested by Equation 85 appears to 
work fairly well considering the lanthanide feed concentrations range from 
.1 to 2.0 molar, the acidities range from .15 to 2.4 molar and the values 
of the distribution coefficient range from .04 to 5.0. The scatter at the 
low end of the range is attributed to titration errors in the analysis 
of the trace concentrations of neodymlum extracted Into the organic phase. 
The correlation coefficient was found to be .948 with Kappa values of: 
Table 24. Total ionic strength and stability constant data of 
equilibrated aqueous phase 
Sample Molarity (Nd) Molarity (H^) I® ^ 
1 .0144 .2210 .3074 1.5743 .4640 
2 .1498 .3224 1.2212 .9993 .4608 
3 .3781 .4550 2.7236 .5981 .4940 
4 .6138 .5560 4.2388 .4473 .5841 
5 .8458 .6792 5.7540 .3885 .7576 
6 1.1047 .7731 7.4013 .3607 1.1102 
7 1.3296 1.2720 9.2496 .3238 1.9124 
8 1.5845 1.7900 11.2970 .2362 2.9828 
9 .0344 .2710 .4775 1.4333 .4621 
10 .0178 .3625 .4692 1.4397 .4622 
11 .0143 .4325 .5179 1.4026 .4617 
12 .0071 .5311 .5738 1.3681 .4613 
13 .1267 .5049 1.2653 .9805 .4611 
14 .1078 .8527 1.4997 .8902 .4633 
15 .0801 .9836 1.4639 .9031 .4629 
16 .0422 1.2158 1.4692 .9011 .4630 
17 .3313 .8121 2.8000 .5866 .4971 
18 .2535 1.3068 2.8280 .5825 .4982 
19 .1957 1.8486 3.0231 .5560 .5068 
20 .0951 2.4456 3.0191 .5565 .5066 
21 .0784 .3779 .8002 1.2139 .4601 
^Calculated from Equation 134. 
^Calculated from Equation 96. 
^Calculated from Equation 97. 
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Table 24. (Continued) 
Sample Molarity (ND) Molarity (H^) 1^ ^ 
22 .0665 .5181 .9172 1.1472 .4600 
23 .0475 .6796 .9647 1.1218 .4600 
24 .0285 .8032 .9742 1.1168 .4600 
25 .2470 .5516 1.7728 .8025 .4674 
26 .1924 .9341 2.0885 .7198 .4740 
27 .1354 1.3427 2.1550 .7045 .4756 
28 
.0736 1.7466 2.1884 .6971 .4765 
29 .0244 .2665 .4126 1.4848 .4628 
30 .0744 
.3379 .7841 1.2236 .4602 
31 .1524 .3843 1.2987 .9667 .4614 
32 .2681 
.4654 2.0741 .7232 .4736 
33 .3810 .5401 2.8260 .5828 .4981 
34 .6156 
.9270 4.6210 .4269 .6184 
35 .8471 1.4360 6.5184 
.3737 .8934 
Table 25. Collected input data for solvent extraction model 
Point Kp (HG)2® y/ -^2 [NOp 1^ Kg 
1 5.2150 .2837 .6225 .3102 .1212 .2626 .3074 1.5740 .4640 
2 .6762 .2156 .6015 .3489 .1871 .3340 1.2212 .9993 .4608 
3 .2936 .2030 .5993 .3573 .2746 .4644 2.7236 .5981 .4940 
4 .1900 .2030 .5993 .3573 .3807 .5677 4.2388 .4473 .5841 
5 .1444 .2057 .5997 .3555 .5239 .7249 5.7540 .3885 .7576 
6 .1189 .1961 .5983 .3622 .7451 .7338 7.4013 .3607 1.1102 
7 .1015 .1985 .5987 .3605 1.0680 .4902 9.2496 .3238 1.9120 
8 .0861 .2135 .6011 .3502 1.4640 .6560 11.2970 .2362 2.9830 
9 2.5566 .3683 .6660 .2740 .1771 .3167 .4775 1.4330 .4621 
10 2.3740 .3813 .6742 .2693 .2224 .2937 .4692 1.4390 .4622 
11 1.6870 .4366 .7131 .2512 .2635 .3259 .5179 1.4030 .4617 
12 1.1890 .4804 .7482 .2389 .3157 .3641 .5738 1.3620 .4613 
13 .4385 .3603 .6612 .2770 .2915 .4981 1.2653 .9805 .4611 
14 .2485 .4462 .7204 .2484 .5700 .6952 1.4997 .8902 .4633 
15 . 1646 .4767 .7451 .2398 .7103 .7872 1.4639 .9031 .4629 
^Free concentration of HDEHP dimer. 
^HDEHP dimer activity coefficient from isopiestic data. 
^HDEHP dimer activity coefficient from iron (III) extraction data. 
^Total ionic strength of equilibrated aqueous phase. 
Table 25. (Continued) 
*oînt S (HG)^® 
b 
^1 
c 
^2 
[H""] [NO^] 
^2 
16 .0895 .4977 .7631 .2344 1.1510 .7021 1.4692 .9011 .4630 
17 .1309 .4279 .7065 .2539 .6374 .6444 2.8000 .5866 .4971 
18 .0592 .4930 .7590 .2356 1.0070 .3950 2.8281 .5825 .4982 
19 .1383 .4922 .7583 .2358 1.4320 1.1110 3.0230 .5560 .5068 
20 .0515 .4989 .7641 .2341 1.9560 .8421 3.0190 .5565 .5066 
21 .7803 .3225 .6403 .2923 .2779 .2750 .8002 1.2140 .4601 
22 .1495 .4009 .6873 .2626 .5181 .5712 .9172 1.1470 .4600 
23 .1219 .4552 .7275 .2458 .6796 .4950 .9647 1.1220 .4600 
24 .2502 .4872 .7540 .2371 .7391 .7665 .9742 1.1170 .4600 
25 .2163 .3697 .6669 .2735 .4521 .4289 1.7728 .8025 .4674 
26 .1234 .4416 .7169 .2498 .8510 .5032 2.0885 .7198 .4740 
27 .0702 .4843 .7515 .2379 1.3430 .5462 2.1550 .7045 .4756 
28 .0452 .4996 .7647 .2339 1.8466 .6465 2.1884 .6971 .4765 
29 2.2520 .3389 .6490 .2854 .1556 .3563 .4126 1.4850 .4628 
30 .9345 .3025 .6307 .3012 .2102 .4302 .7841 1 .2240 .4602 
31 .4880 .2994 .6293 .3027 .2749 .7056 1.2987 .9667 .4614 
32 .2699 .4099 .6935 .2596 .4420 .9935 2.0741 .7232 .4736 
33 .1807 .3364 .6476 .2865 .6431 .8731 2.8260 .5828 .4981 
34 .1251 .3674 .6655 .2744 .8942 .8962 4.6210 .4269 .6184 
35 .0773 .3878 .6785 .2670 1 .3770 .7051 6.5184 .3737 .8934 
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Kj = .80031, <2 ~ "1.60362 and = 3.87692. The three values of Kappa 
correlate the data quite well, but unfortunately due to the negative sign 
of <2 any semblence of these quantities to chemical equilibrium constants 
is lost. Thus the model degenerates into empericism and physical signifi­
cance vanishes. 
The assumption that the activity coefficient of the free dimer is 
unity can be altered and the experimental values of Baes (3,5) for HDEHP-
n-octane solutions can be taken as good estimates for HDEHP-Amsco solutions. 
As was mentioned In an earlier section both Amsco and n-octane are both 
comprised of aliphatic hydrocarbons and both have similar densities and 
average molecular weights. The average molecular weight of Amsco was 
found to be 148.7 by the freezing point depression of benzene. A 
calorimeter thermometer graduated in .01°C was used to measure AT. The 
results are shown in Table 26. From Equations 120 and 122 values of the 
activity coefficient of the HDEHP dimer can be estimated as a function of 
molality for Isopiestic results and for iron (III) extraction results. 
These relationships are Illustrated In Figure 40. The following equation 
based on density measurements will convert from dimer molarity to dimer 
molality so that Equations 120 and 122 can be used with the model data. 
^(HG)^ ^ 1-3545 '*73511 m - 1.3362 ^'^5) 
where A and m^^g^ represent dimer molality and molarity respectively. 
Using the Isopiestic activity coefficient developed by Baes (3) for the 
HDEHP dimer, the dimer activity becomes the product of the free concentra­
tion (Table 25) and the activity coefficient. The new correlation is shown 
T T T 
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SOLUTE MOLALITY 
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Figure AO. HDEHP dimer activity coefficients 
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Table 26. Freezing point depression of benzene by Amsco data. 
Solution Benzene (gm.) Amsco (gm.) Tp ATp^ 
1 341.6 0.0 5.51 5.51 — — --
2 341.6 .38315 5.48 5.47 .03 .04 
3 341.6 .76629 5.43 5.44 .07 .08 
4 341.6 1.53258 5.36 5.36 .15 .15 
5 341.6 3.06516 5.21 5.21 .30 .30 
6 341.6 6.13032 4.96 4.97 .54 .55 
^Thé molecular weight of the solute Amsco can be calculated from the 
equat ion: 
M = 1000 ' 
"a 'Tf 
where Mg is the solute molecular weight, Wg the weight of solute, W 
the weight of solvent and Kp the freezing point depression factor (for 
benzene Kp = 5.12). 
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in Figure 4]. As can be seen from Figure 41 the scatter is much worse for 
these assumed values of than for the previous case of = 1.0 
(Figure 37). The values of the kappas are as follows: Kj = 3.9265, 
= -7.1384 and = 9.12846 with = .929. The problem of the negative 
<2 also still persists. 
The correlation illustrated in Figure 42 is obtained using the HDEHP 
dimer activity coefficient developed by Baes and Baker (4) from iron (III) 
extraction studies. For these Y^j^qj values the scatter of the data is 
much improved over Figure 41. The values of kappas are as follows: = 
17.7164, <2 - 2.18611 and = 4.9002 with = .934. Thus with these 
dimer activity coefficient estimates the problem of the negative second 
kappa is eliminated and the theoretical significance of the model repre­
sented by Equation 85 is enhanced. 
By comparing Figures 39, 41 and 42 it becomes immediately obvious that 
correct values of the dimer activity coefficient are crucial in the deter­
mination of the solvent extraction equilibrium constants. In Figure 39 the 
assumption that the dimer activity coefficient be equal to unity throughout 
the concentration range would seem erroneous due to the sheer bulk of the 
dimeric species and its highly polar nature. With the isopiestic dimer 
activity coefficient estimates of Baes (3) it should be mentioned that this 
technique is based on the comparison of a solute in a given solvent with a 
reference solute of known activity in the given solvent. In the experiments 
of Baes (3) triphenylmethane (TPM) dissolved in n-octane was the reference 
solution and it was assumed by Baes (3) at the outset that = 1.0 for 
all reference solution concentrations. This rather broad assumption could 
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be a significant source of error in his isopiestic determinations. Also 
it was pointed out by Baes (3) in attempts to explain the difference in 
dimer activity coefficients for isopiestic determinations (3) and iron 
(III) extraction results (4) illustrated in Figure 40 show that the contact 
with the aqueous phase in the iron extraction could alter the dimer 
activity coefficients. Thus the isopiestic determination (dry n-octane) 
would differ significantly from the iron extraction determination in which 
the organic phase was equilibrated with the aqueous phase (water saturated 
n-octane). The presence of the metal-HDEHP complex could also partially 
cause the differences observed. Because these studies deal with the HDEHP 
dimer in equilibrium with an aqueous phase containing a plus three metal 
ion, the results of Baes and Baker (4) for the HDEHP dimer activity from 
iron (III) extraction data are taken as the most directly applicable to 
this work. Thus Figure 42 represents the final correlation of the experi­
mental data and the solvent extraction equilibrium constants are taken to 
be: Kj = 17.7164, = 2.18611 and ic^ = 4.9002. 
With the solvent extraction equilibrium constants determined, the model 
represented by Equation 85 can be used to observe the effect of the four 
independent variables on the distribution coefficient K^. The four inde­
pendent variables are the HDEHP dimer activity, the hydrogen ion activity, 
the nitrate ion activity and the total ionic strength of the aqueous phase. 
It should be noted that the total ionic strength can be assumed to be in­
dependent of the nitrate and hydrogen ion activities if we allow for the 
presence of a suitable background electrolyte such as NaCl in the aqueous 
phase. 
154 
By holding three of the variables constant the value of the distri­
bution coefficient can be calculated as a function of the fourth. By 
parameterizing the three variables a series of distribution curves can 
be generated. 
In Figure 43 the distribution coefficient was calculated as a function 
of HDEHP dimer activity while the hydrogen and nitrate ion activities and 
the total ionic strength were treated as parameterized constants. The 
trend is for the values to increase with the increase of the extractant 
dimer activity as would be expected. Similarly the low [H^] values yield 
the highest distribution coefficients at the relatively high dimer 
activities. At very high acidities and high dimer activities the distri­
bution coefficient increases relatively slightly with increasing dimer 
activity. Also at the very low dimer activities there is a reversal of 
the acidity trend to lower the distribution coefficient. Thus at low 
dimer activities, high acidity extraction yields higher distribution co­
efficients than the low acidities. This has also been confirmed experi­
mental! y by other investigators (85,92). Thus the model predicts this 
unusual result. 
In Figure 44 the distribution coefficient was calculated as a function 
of hydrogen ion activity while the HDEHP dimer and nitrate ion activities 
were treated as parameterized constants. The general trend is for the 
values to decrease with the increase of the hydrogen ion activity. This is 
to be expected from the reaction equilibrium shown in Equation 76. Also 
the curve having the highest dimer activity has the highest Kp values. It 
would appear that the range of Kp values exhibited by each curve decreases 
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uniformly with decreasing HDEHP dimer activity. Also as the value of the 
hydrogen ion activity goes to zero the distribution coefficients for each 
curve go to Infinity. 
In Figure Ag the distribution coefficient was calculated as a function 
of the nitrate ion activity while the HDEHP dimer and hydrogen ion 
activit ies and the total ionic strength were treated as parameterized 
constants. With Increasing nitrate ion activity the values are seen 
to exhibit a general Increase. This is caused by the greater tendency of 
the nitrate ions to complex with the metal species and the subsequent re­
duction of the stochiometry of the extraction process as indicated by 
Equation 76. Increased values of the total ionic strength enhance the 
formation of the metal-nitrate Inorganic complexes and also causes the up­
ward shift in the Kg values in Figure 4$. 
In Figure 46 the distribution coefficient was calculated as a function 
of the total ionic strength of the aqueous phase. The HDEHPdimer, hydrogen 
ion and nitrate ion activit ies were parameterized as Indicated previously. 
At very high values of ionic strength the distribution coefficient in­
creases very sharply due to the enhanced formation of the metal-nitrate 
complex and i ts subsequent ease of extraction into the organic phase. The 
spread of the curves Is due to the relative value of the HDEHP dimer 
activity used in the calculation for a particular curve. The values used 
In Figures 43 through 46 are presented in Tables 27a, 27b, 27c and 27d. 
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Table 27a. Extraction model calculations [(HG)^] variable; [H^], [NO^] and I  parameterized 
[(HG)^] Kp(HG, .2.2,2) Kp(HG, .4.4) Kp(HG, .2.6,6) .8, .8,8) Kp(HG,l ,1 ,10) 
.02 
.0235 .0113 .0140 .0228 .0370 
.04 .1445 .0351 .0318 .0471 .0746 
.06 
.4553 .0820 .0563 .0740 .1134 
.08 1.0480 .1627 .0903 .1047 .1535 
.10 2.0150 .2879 .1368 .1399 .1956 
.12 3.4480 .4682 .1988 .1808 .2398 
.14 5.4410 .7144 .2789 .2285 .2866 
.16 8.0830 1.0372 .3802 .2839 .3364 
.18 11.4690 1.4472 .5056 .3480 .3895 
.20 15.6910 1.9550 .6579 .4220 .4464 
Table 27b. Extraction model calculations [H^] variable; [ ,  [NO^] and I  parameterized 
[H^] Kg(.04,H,.2,2) Kp(.08,H,.4,4) (.12,H,.2,6) Kp(.16,H,.6,6) (.20,H,.6,6) 
.1 1.048 7.6570 23.5540 47.4910 68.5210 
.2 .1445 1.0371 3.1931 6.6119 10.1430 
.3 ..0485 .3413 1.0550 2.2650 3.7421 
.4 .0235 .1627 .5056 1.1292 2.0051 
.5 .0139 .0951 .2974 .6900 1.3041 
.6 .0094 .0631 .1988 .4772 .9498 
.7 .0068 .0457 .1447 .3580 .7414 
.8 .0053 .0350 .1119 .2839 .6074 
.9 .0043 .0282 .0903 .2342 .5144 
Table 27c. Extraction model calculations [NO^] variable; [(HG)^], [H^] and I  parameterized 
[NO^] Kp(.04,.2,N0^,2) K^(.08,.4,N0^,4) Kp(.12,.6,N0^,6) Kp(.16,.8.NO^,8) Kp(.20,l.NO^.IO) 
.1 .1405 .1414 .1420 .1434 .1464 
.2 .1437 .1452 .1468 .1518 .1631 
.3 .1505 .1525 .1556 .1660 .1893 
.4 .1600 .1627 .1676 .1847 .2221 
.5 .1717 .1752 .1822 .2068 .2589 
.6 .1849 .1894 .1987 .2312 .2977 
.7 .1994 .2050 .2168 .2571 .3367 
.8 .2146 .2215 .2359 .2838 .3750 
.9 .2303 .2388 .2556 .3107 .4117 
1.0 .2463 .2563 .2757 .3374 .4464 
Table TJA. Extraction model calculations I  variable; [(HG)2]. [NO^] and [H^] parameterized 
I  Kp(.0i»,.2,.2,l) Kp(.08,.4,.4,l) Kp(.12,.6,.6,l) (. 16, .8,.8.1) (.20,1.1.1) 
1 .1452 .1670 .1984 .2339 .2706 
2 .1445 .1627 .1902 .2223 .2564 
3 .1448 .1628 .1901 .2224 .2570 
k  .1452 .1627 .1894 .2216 .2563 
5 .1462 .1657 .1952 .2304 .2682 
6 .1468 .1676 .1988 .2359 .2757 
7 .1496 .1773 .2174 .2635 .3115 
8 .1523 .1865 .2344 .2882 .3425 
9 .1600 .2120 .2802 .3518 .4194 
10 .1631 .2221 .2976 .3750 .4464 
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CONCLUSIONS 
The thermodynamic behavior of Nd(NO^)LafNO^j^-HgO and 
NdfNOgjg -HNOg-HgO solutions was investigated through vapor pressure 
and specif ic ion electrode measurements. The extraction of neodymium 
from the system NdfNOgïg-HNO^-HgO by di-2-(ethylhexy])-phosphoric acid 
(HDEHP) was studied and a thermodynamic model for the distribution 
coefficient based on the ionic activit ies was proposed. A more detailed 
summary fol lows in the remaining paragraphs. 
A static vapor pressure measuring device was developed which has a 
precision of .00005 mm. Hg. The apparatus was enclosed in a well insulated 
isothermal box. The temperature of this enclosure could be controlled to 
± .05°C. The vapor pressures of NaCI solutions measured in this system 
compared very well to values reported in the l i terature. The vapor 
pressures of neodymium and lanthanum nitrate solutions were next measured. 
From this data the osmotic coefficients and the mean ionic activity co­
eff icients for each particular salt solution were obtained. 
The nitrate Ion electrode after careful calibration with NaNO^ was used 
to measure the nitrate ion activit ies in the pure neodymium nitrate and 
lanthanum nitrate solutions. 
Values of the stabil i ty constants and the fractions of the total metal 
concentration existing as nitrate complexes were obtained from the data of 
Krumholtz (41) for neodymium nitrate. This information together with the 
vapor pressure and nitrate electrode data for pure neodymium nitrate 
solutions was combined through the Gibbs Duhem Equation to yield the 
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activity and the activity coefficient of the free neodymium ( i l l) ion. 
The vapor pressures of binary electrolyte solutions consisting of neo­
dymium nitrate and nitr ic acid were measured. The total ionic strength of 
the solution was held constant. Harned's activity coefficient equations 
for a binary electrolyte were used to model the data. From the binary 
solution vapor pressure measurements the values of the R and Q coefficients 
appearing in Harned's equations were estimated. The excess Gibbs free 
energy of the electrolyte mixtures was also calculated. The pH electrode 
was used to measure the hydrogen ion activity of the neodymium nitrate-
nitr ic acid binary electrolyte solutions. The presence of the polyvalent 
neodymium ion in the samples was found to have l i t t le effect on the pH 
electrode measurements. 
The nitrate ion electrode was used to measure the nitrate ion activity 
of the neodymium nitrate-nitr ic acid binary electrolyte solutions. Init ial­
ly the electrode behaved in an erratic non-reproducible manner. This was 
believed caused by a strong l iquid junction potential generated at the 
reference electrode by the presence of the ions. This effect was 
el iminated by careful calibration of the nitrate electrode with nitr ic 
acid. 
Also studied was the extraction of neodymium from an aqueous phase to 
an organic phase by di-2-(ethyl hexyl)-phosphoric acid. The aqueous phase 
consisted of a solution of neodymium nitrate and nitr ic acid. The init ial 
organic phase consisted of HDEHP (assumed to be 100% dimerized) dissolved 
in Amsco Odorless Mineral Spirits (a high molecular weight al iphatic 
hydrocarbon). The equil ibrium metal concentrations of the aqueous and 
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organic phases were determined by EDTA t i trations. The equil ibrium 
acidity of the aqueous phase was determined by an ion exchange method. 
Using the mechanisms proposed by other authors (18,39,75) for the forma­
t ion of neodymium nitrate complexes and the subsequent extraction of the 
free metal ion and the complexes into the organic phase by HDEHP, the 
fol lowing thermodynamic model for l iquid-l iquid extraction was formulated: 
[(HGÏglg 
Kj 3 [(HGlzlo + 
[H*] (1 + K,[NO:] + K,K,[NO ]  ) 
A '  ^ A ^ A 
K2K,[N0"] [H+] [(HGjglo + KgKjKgENOg]^ ]  (85) 
where Kp is the distribution coefficient of the neodymium (the ratio of the 
metal concentration in the organic phase to the metal concentration in the 
aqueous phase), [H*] is the hydrogen ion activity of the aqueous phase, 
[NOg] is the nitrate ion activity of the aqueous phase, [(HGjg] is the free 
HDEHP dimer activity of the organic phase and and are the stabil i ty 
constants of the neodymium mononitrate and dinitrate complexes in the 
aqueous phase. The quantit ies iCj, ^nd are the solvent extraction 
reaction equil ibrium constants for the free neodymium (III) ion, the 
mononitrate and dinitrate complexes respectively. The subscripts A and 0 
refer to the aqueous or organic phase. The Kg values were determined from 
the equil ibrium concentrations of the total metal species in the aqueous 
and organic phases. The quantit ies [H*] and [NO^] were obtained from pH 
and nitrate ion electrode measurements respectively. The values of and 
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Kg as previously mentioned were taken from the data of Krumholtz (41). 
The free HDEHP dimer concentration was estimated through nitrate electrode 
measurements and the organic phase metal concentrations. The quantity 
CfHGig] could be calculated from estimates of Baes and Baker (4) for the 
HDEHP dimer activity coefficient. The solvent extraction equil ibrium 
constants were found by l inear regression analysis of the data to be 
Kj = 17.7164, Kg = 2.1861 and = 4.9002. The correlation coefficient 
was found to be .939. This correlation covered experimental condit ions 
ranging from .05 to 2.5 for the distribution coefficient, in neodymium 
feed concentrations ranging from .02 to 2.0 molar and init ial acidit ies 
ranging from 0.01 to 2.4 molar. The scatter in the data especially at low 
Kg values is attr ibuted to t i tration errors in estimating the neodymium 
concentrations in the organic phase. This seriously affects the values 
of Kp and [(HGjg] used in the correlation. 
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RECOMMENDATIONS 
In the vapor pressure measurement of neodymlum nitrate-nitr ic acid 
solutions the data especially at high concentrations of acid could have 
been improved on sl ightly by taking into account the HNO^ existing in 
the vapor phase. Also traces of NOg and NO were probably included in 
the vapor phase. 
Due to the similarit ies in the pure component neodymium nitrate and 
lanthanum nitrate vapor pressure data the lanthanum nitrate-nitr ic acid 
binary solution could be assumed to behave very closely to that of 
neodymium nitrate-nitr ic acid solutions. Similarly binary nitrate solu­
t ions of neodymium and lanthanum would be expected to deviate only 
sl ightly from single component data for either lanthanide. 
One further improvement could be made on the static vapor pressure 
measuring device. A sensit ive electronic pressure transducer could be 
substituted for the micromanometer. The precision of the two instru­
ments is comparable but the transducer has the advantage of continuously 
monitoring the pressure. Thus the attainment of f inal equil ibrium is 
easily verif ied. However, the corrosion resistance of these transducer 
elements is an unknown factor. 
The nitrate electrode through careful calibration appears to be 
quite useful in nitrate ion activity measurements through a wide con­
centration range. Further improvements could be made, however, in the 
choice of the reference electrode to eliminate l iquid junction potential 
i  nterference. 
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The three general categories of methods for estimating stabil i ty 
constants appear to be solvent extraction, electrode measurements as 
performed by Gotto and Smutz (29) and spectrophotometry. Of the three 
spectrophotometry appears to be the most useful in determining lanthanide 
stabil i ty constants in that i t  allows for the estimation of the complex 
fractions in the solution. 
One of the key assumptions used in this work has been the strict 
dependence of the stabil i ty constant on the total ionic strength of the 
solution regardless of the electrolyte composit ion. The reasoning be­
hind this assumption can be easily I l lustrated. A complexed ion in 
solution is surrounded by and interacts electrostatically with the other 
ions existing in solution. The nature of the ionic environment and hence 
the interaction experienced by the complexed ion is measured by the total 
ionic strength. Thus except at extremely high concentrations the complex 
stabil i ty constant can be taken as a function of total ionic strength 
and solution temperature. This situation is analogous to the dependence 
of the equil ibrium constant on the total system pressure for gas phase 
reactions. The validity of this assumption could be checked however by 
any of the three techniques mentioned above. 
The determination of the free neodymium (111) ion activity through 
the integration of the Gibbs Duhem Equation could be improved through 
better values of the second stabil i ty constant (Kg). From the free ion 
activity and the values of the stabil i ty constants the activit ies of the 
neodymium mononitrate and dinitrate complexes can be determined. 
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In Figure 40 most of the discrepancies between the distribution co­
eff icient calculated by the model and from the actual data occur at the 
low Kg values. This is attr ibuted to t i tration errors in the estimation 
of the very low metal concentration of the organic phase. Spectroscopic 
analysis of the aqueous and organic phases through carefully prepared 
standards would increase the accuracy of the concentration measurements. 
The use of a spectrophotometer would eliminate t i tration, pipetting, 
di lution and the backextraction of the organic phase. 
The existence of the HDEHP tr imer in the organic phase is assumed 
negligible because of the strained P-0 bonds in the structure as shown 
on Page 21. The abil i ty of this tr imer and higher order HDEHP complexes 
to interact with metall ic ions is reduced because of the steric hindrance 
of the addit ional ethylhexyl groups surrounding the acidic proton. Thus 
these higher order complexes i f  they exist have a negligible effect on 
the extraction mechanism. 
Higher order metal HDEHP complexes could be formed especially at 
high organic loadings by the reaction of the other acidic proton in the 
HDEHP dimer. The complex sould be of the form M(HG2)2 Gg MfHGgjg* The 
presence of this complex and higher order metal-HDEHP aggregates could 
be checked by viscosity and l ight scattering measurements of the organic 
phase as a function of organic loading. The tendency, however, of the 
second acidic proton of the HDEHP dimer to react with the metal is 
signif icantly lowered due to the induced negative charge in the region 
of this proton. 
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This extraction model could be used to predict the separation 
factors for two lanthanide species. Due to the similarity of the 
lanthanides very accurate data is needed. Stabil i ty constants would 
have to be available for both species. The solvent extraction equil ibrium 
constants determined from single component extraction data for each metal 
species would be valid for the binary metal extraction system. Thus the 
separation factors could be calculated. 
Through the use of other specif ic ion electrodes presently available 
lanthanide extraction from chloride, perchlorate, f luoride and sulfate 
aqueous phases could be studied. Also the separation of the more common 
metals such as cobalt-nickle could be investigated using this technique. 
More complicated systems such as the separation of three or more metall ic 
species could be studied with the appropriate single component data for 
each species. 
The advantages of the thermodynamic model over empirical correla­
t ions for HDEHP-lanthanide extraction are numerous. 
The model can be readily extended to binary, ternary and higher 
numbers of different metal species present in the aqueous phase. The 
predictive equations for separation factors and distribution coefficients 
from the model can be formulated easily. The electrode measurements to 
estimate activit ies are fair ly reliable and can be made quickly. In 
addit ion, no careful " juggling" of the acidity of the aqueous phase is 
necessary. This was the basis of the empirical techniques previously 
used. Furthermore, the number of data points necessary to define the 
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equil ibrium of the system using this model is minimal. This model can 
be used with a few data points to predict extraction trends which would 
be otherwise diff icult to determine experimentally. 
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